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ABSTRACT
Fast electron transfer reactions have been shown to 
follow a correlation based on magnetism.
For reactions of ferricyanide ion with iodide, sulphite, 
thiosulphate and cyanide ions, a step of the type
Pe(CN)g^" + X~  --^ Pe(CK)g'''" + X°
should be fast on this basis.
Failure to explain the observed slow reactions of 
these ions was due to the uncertainty regarding their 
mechanism. A study of the two former reactions has 
therefore been a major subject of the present work.
The rate of the reaction between ferricyanide and 
iodide has been measured both titrimetrically using the 
Harcourt-Esson method and also spectrophotometrically by 
observing the optical density at 420 myu where absorption 
is virtually due to ferricyanide only, if iodine is removed 
by excess thiosulphate.
The effects of many variations in reaction conditions 
are studied. One of the most important of these concerns 
the effect of cations on the reaction rate. A mechanism 
is proposed which accounts for all the important observations. 
The main reaction is shown to be first order in ferricyanide, 
second order in iodide and first order in cation concentration.
other minor reaction paths identified consist of a direct 
reaction between the main reactants and an anion assisted 
process.
The rate of reaction between ferricyanide and sulphite 
ions has been measured in the pH range (7.6 - 10), using a 
spectrophotometric method. The reaction shows a positive 
neutral salt effect, the rate is different in the presence 
of different cations and anions, the order of effectiveness 
as catalysts are Os^^ NH^^ Na'*’^  Li^ and Br"^ P"^
01”^ NO^"^ H^PO^" respectively. The apparent order of 
reaction with respect to each main reactant is unity.
The stoichiometry of the reaction in the pH range 
(3.52 - 11.4) has been measured and found to be 2:1 for 
ferricyanide:sulphite ions, and the sulphur product is 
predominently sulphate.
Finally, a mechanism for the reaction is suggested on 
the basis of these observations.
1.
INTRODUCTION 
General Introduction
Electron transfer reactions involving the 
oxidation of numbers of organic compounds by ferricyanide 
have been studied in recent years.
Ferricyanide ion falls into a category of oxidiz­
ing agents comprising eerie sulphate, ammoniacal silver 
nitrate, and fehling*s solution, in all of which the 
oxidizing species is a complex, electron-abstracting ion
Pe(Cl)l” + e" > Pe(CN)^" .
6
Kinetic measurements of the oxidation of some organic 
compounds (mainly phenols) have been reported. The 
primary action in these cases is the formation of aryloxy 
radicals * ^he radical then reacts by de­
composition or rearrangement to give the final products 
(commonly diaryls or diaryl ethers). Such radicals are 
more stable species than alkyl radicals because of the 
delocalisation of the odd electron by resonance, particular­
ly over the ortho and para positions of the aromatic ring.
Oxidation of phenols by ferricyanide shows that the 
dimers may arise from condensations between phenoxy anions 
and aryloxy cations (Refl). This would mean that the 
coupling process is heterolytic, involving a cationic
2.
substitution of the phenol by a mesomeric aryloxy cation 
formed after a two-step oxidation of the phenoxy radical.
^ - -4-
^  diaryls or diaryl ethers.
All these oxidations which have been carried out 
using ferricyanide as an oxidizing agent were done in 
alkaline solution, and in general the velocity of oxida­
tion increases with alkalinity in such a way as to imply 
that the oxidi%able species is mainly aryloxy anion and not 
the neutral phenol.
Ferrocyanide ion was found to have a retarding effect 
in all these oxidations; a result which suggests that the 
primary step in the oxidation may be a reversible one- 
electron transfer.
Due to the great complexity of these oxidations, no 
satisfactory determination of the order of the reaction 
with respect to the phenol could be made. Therefore no 
simple kinetic expression can be derived for these oxida­
tions. A kinetic investigation of che oxidation of some
£
aliphatic aldyj^ hydes, ketones and nitro paraz^ns with 
alkaline ferricyanide indicates that, although the oxidation 
proceeds in several consecutive stages, no organic free
3.
radicals are present, because the diagnostic test of 
catalysis of vinyl polymerisation was negative.
Rates were studied by measuring potentiometrically 
the change in the /fe(GN) . ratio with
time (Ref. 2) (see criticism of this method later). The 
reaction order with respect to the organic substrate was 
usually unity. The mechanism proposed for the oxidation 
of aldehydes, ketones and nitroparaAlns involves the forma­
tion of a complex between ferricyanide and the enolic anion 
of the substrate, possibly between ferricyanide anion and 
a mesomeric structure of the enolic anion. This complex 
is then attacked by a second ferricyanide ion to give the 
products:
R - H + OH" y R"* + HgO (reversible)
R“” 4- /Te(ON)  ^complex (possibly reversible)
Complex 4- /Fe(ON)^_/^Z ^product + 2/Fe(ON)
2 Complex  Dimer 4- 2/¥e (CN )
Relative velocities of the oxidation of monosaccharides 
under controlled conditions of pH and temperature have been 
measured. This method of oxidation by alkaline ferri­
cyanide has been used as a micromethod for the estimation 
of fructose in the presence of glucose (Ref. 3).
The kinetics of few inorganic oxidations by ferri­
cyanide have been observed. The slow reaction between
4.
thiosulphate and ferricyanide ions was studied by Sandved 
and Holt (Ref. 4) and more accurately by Batstone (Ref. 5). 
The former workers followed the course of reaction both by 
a titration method (determining the unused thiosulphate) 
and by a spectrophotometric method (determining the unused 
ferricyanide) at different times. The reaction was found 
to be approximately first order in ferricyanide and first 
order in thiosulphate, but somewhat inhibitea by ferro- 
cyanide and accelerated by tetrathionate ion. The proposed 
mechanism was
Pe(ON)g^“ + + SgO^"
2 S2O5-   ^S^O/-
Batstone studied this reaction more extensively. She 
used the iodometric method in her work. The reaction 
kinetics were followed at pH 7.4 to 11.2 and found to follow 
the following mechanism :
SgOg" + H Pe(GK)g^“
3 - ^ S ^ O g -  + H Pe(CN)g5-
— >■
The accelerating and retarding effects of added tetrathionate 
and ferrocyanide ion respectively are explained by the 
above mechanism.
At low pH values, however, the reaction tends to 
approximate to first order kinetics, suggesting that one of
HS203- + Pe(CE)
+ Pe(OE)
^4^6"
2S2O5-
5.
the reacting species tends to pass over into a form which 
does not enter into the reaction, or that it participates 
only in a slow process. However, there are many things 
left to be discussed in this reaction at low pH values, 
including studies of the effects of additions of tetra­
thionate and ferrocyanide ions. Spiro (private communi­
cation) has been examining the reaction under acidic 
conditions.
Another inorganic reaction of the ferricyanide ion is 
that with cyanide ion. Adamson (Ref. 6) studied the 
kinetics of this reaction using both iodometric and spectro­
photometric methods. The proposed mechanism for the 
reaction was :
Pe(CN)|" + 2(GN)";=± Pe(GN)^“ + {GM)~ (A)
(GN)g + X HgO __ » P + ON" (B)
Fe(GN)g^" + P ___  ^ Pe(GN)^" + Q (G)
Reaction A was written with two cyanide groups to avoid 
postulation of cyanogen radical formation. Reaction B 
was written as a partial hydrolysis with the formation of 
species P which Adamson suggested to be ( 0 = 0 -  NHg). 
Reaction 0 is the oxidation of P.
The apparent order with respect to ferricyanide ion 
was between first and second, tending towards first order 
if added ferrocyanide was present. In addition there was 
retardation by ferrocyanide. There was first to second
6.
order dependence upon total cyanide ion concentration; and 
the reaction rate was shown to be pH independent in the 
region 9 - 1 1  out very small in acid solution.
It is evident from the above points that tne reaction 
is complex and needs more investigation to find out the 
actual reaction product and also to interpret the kinetic 
expression. However, it is useful to know the facts, in 
order to help us in our work with ferricyanide ion.
Adamson also classified redox reactions involving 
ferricyanide into tvfo categories: fast reactions which
involve simple electron transfer, and slow reactions of 
complex mechanism.
For the case which involves simple electron transfer 
correlation between the rate of reaction and magnetic 
properties has been suggested. Table 1 gives a general 
idea on the rate of electron exchange between some ions, 
and shows the relation between the product of the sum and 
difference in magnetic moment and the half life of the 
exchange.
7.
Electron Exchange 
pair
TABLE 1
Mag. Moment Sum 
(Bohr Mag.)
X diff.
Order of half 
life for ex­
change
211^ + 8 3.5 52 100 hr.
Co3+ 4.9 0 24 1 min.
Pe^+ 5.2 5.7 6 20 sec.
Pe(ON)J- Pe(CH)|“■ 0 1.7 3 fast
Hg+ Hg^+ 1.7 + 
(if Hg+
0
)
3 fast
Predictions of the rate of reaction for a redox reaction 
couple can then be made. For example, consider the 
reaction :
+ Fe^ "^  c ^  Fe^"*" + Hg"*"
2-f 4-Although electron exchange between Hg and Hg , and between 
2+Fe and Fe are rapid, and the standard potential of the
above equation is 0.14 volt, the above reaction should be
24-slow in view of the diamagnetism of Hg and the high para
magnetism of Fe24- 4-The fact that Hg exists primarily as
a dimer should not present any more obstacles to this re-
24-action than it does to the electron exchange with Hg (due
24-to the large dissociation constant for Hg , it is probable
2
that the monomer is an intermediate).
If one tried to explain the reactions of ferricyanide 
ion with iodide and with cyanide on this basis then the 
first step of these reactions should be rapid and would be 
followed by a rapid combination of the radicals ;
8.
Pe(CH)|“ + X~ --- ^ Fe(CK)^" + X°
It has been shown however that the above examples 
have measurable velocities, a fact which is at variance 
with the idea of rapid electron transfer in the only rate 
determining step of the reactions. The only other com- 
patiable explanation is, that an entirely different 
mechanism is involved from that considered above. By 
considering the energetics of these reactions it appears 
that the first steps in these reactions are energetically 
unfavourable. The best estimates which Adamson could make 
are as follows :
ÙH (k. cal. mole"^)
HCN (aq.) = HON (g)------+ 10 (taken to be the same
as HP)
HON (g) = H(g) + ON(g)— + 97
H(g) = ^  HgCg)-—  51
GN(g) = CÏÏ (aq.).-—  2 (taken to be the same as for
NO)
HGN(aq.) = ^  Hg + ON(aq.) 55 ÛG(est.) = 49
Fe(GN)|~ + HGN = Fe(GN)^" + + CN A& = 41
Fe(GN)|" + GN“ = Fe(GN)^" + GN A& = 27
H+(aq.) + I"(aq.) = ^2 lg(aq.) + Wg(g) ÛG = 6.1 
^2 Ig(aq.) = I(aq.) A& = 16
H+(aq.) + I"(aq.) = I + ^2 Hg(g) A & = 52
Fe(CN)^~ + I" = Fe(GN)^" + 1 , ÛG = 24
9.
Both initial steps thus appear to be energetically 
unfavourable. We therefore decided to re-examine some 
reactions of ferricyanide ion more accurately and if 
possible to examine some reactions whose kinetics are not 
known.
The work described in this thesis is on the reaction 
between ferricyanide and iodide, and also on the reaction 
between ferricyanide and sulphite. The kinetics of the 
latter reaction have not been studied except that it has 
been mentioned that the reaction is of measurable speed 
(Ref. 6). It is of interest therefore to try to discover 
if magnetic or energetic effects are rate controlling 
factors in these reactions of ferricyanide ions.
10.
The Reaction of Perricyanide with Iodide Ions
Electrode potentials give some information on whether 
a reaction will proceed to any observable extent or not. 
However, the oxidation potentials of the system do not 
give any information as to the velocity of reaction (in 
some cases, the presence of a catalyst is necessary in 
order that an energetically favoured reaction may proceed 
with reasonable velocity), but they are still important 
factors to enable one to predict which ions will oxidise 
or reduce other ions at say molar concentration. They do 
tell us about the magnitude of the Equilibrium Constant 
of the redox reaction.
The standard redox potential of the system 
Pe(CN)|“' + e" Pe(CN)^" is very rapidly varying
with ionic strength, it is about O.3Ô volt atyK = 0, but 
about 0.44 a t = 1 and the standard redox potential of 
the system ^  I^ + I" is + 0.54 volt.
There is a difference of about 0.1 volt between these
potentials, suggesting that ferrocyanide will tend to be 
oxidised by iodine.
Both the forward and reverse reactions are analytically 
important.
2 KI + 2 KjPe(GN)g 2 K^Pe(CN)g + Ig (1)
The Equilibrium Constant for this reaction can be predicted.
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from the standard electrode potentials, with the help of 
the well-known “Nerns'c Equation” -
At 25°G B = E + Log
where E is the electrode potential in volts, E^ is the
standard electrode potential, and ft refers to the number
of electrons involved in the oxidation-reduction reaction.
By equating the two reuox potentials at equilibrium,
xhe equilibrium constant is found to be
ZF7$Be(GE)5_75- 
more than 10. This is clearly a case of an unfavourable
overall free energy change for the oxidation of iodide by
ferricyanide and reaction might well be expected to be slow.
Various papers have appeared on the kinetics and
equilibrium of the reaction between potassium ferri<yanide
and potassium iodide (Refs. 8, 9> 10, 11, 12, 13, 14, 13).
In the investigations made by Donnan and Le Rossignol,
Just, Wagner and Von Kiss, the kinetics of the reaction were
followed by using the compensation technique adopted by
Harcourt and Esson (Ref. 16) which consists of adding
starch and measured amounts of thiosulphate, and noting
the times of appearance of the blue colour.
This technique has the advantage of continuously
regenerating the iodide "as fast as it is converted" to
iodine by ferricyanide, and consequently of keeping the
concentration of iodide ions unchanged throughout the course
12.
of the reaction. This technique is, of course, effective
in preventing the reverse process from interfering.
In the first systematic study of the reaction, Donnan
and Le Rossignol found the overall order of the reaction to
be five. They measured the rates of the reaction with
various initial concentrations of potassium ferricyanide
(G^  St 0.0125M - 0.05M) and the constant concentration of
potassium iodide (0.5M). On calculating the rate constants
from the results for each experiment, the values obtained 
1 G
for = ig" log were found to decrease progressively
t 1 1 — 1
with increasing time, but those for ^2 ~ *t
remained roughly constant, so they deduced that the reaction 
was of second order with respect to ferricyanide ions, as 
may be seen from the following typical experiment :
Cq = = 0.025M, / T J  = 0.5M
10^0  ^ (M) ^(min.) ^1= i
, 1 j— 1 1 T
2.255 4.72 0.0219 0.00282
2.00 11.00 0.0198 0.00271
1.76 18.97 0.0185 0.00268
1.516 29.21 0.0171 0.00270
1.269 45.18 0.0158 0.00272
1.025 65.55 0.0149 0.00275
A puzzlig feature concerning the second order rate 
constant kg was that it appeared to decrease with increasing
13.
initial concentration of ferricyanide, as may be seen 
from the following results :
0.05M 0.025M 1 0.0125M
‘2 0.00156 0.00272 1 0.00472
Donnan and Le Rossignol tried to explain these results on 
the basis of some factor which remains constant during a 
particular experiment, but which varies from one experiment 
to another. One factor satisfying these conditions is the 
total concentration of ferrocyanide plus ferricyanide ions.
Consider the reaction involving = 0.5M and
/Te(ON) =  0.05M. It was found that the value of the 
velocity coefficient kg was 0.00156, as calculated for a 
point when the reaction had proceeded to about halfway, 
whereas on starting with 0.025M ferricyanide, the value
0.00281 was obtained for this constant.
When initial concentrations of both potassium ferro­
cyanide and potassium ferricyanide were 0.025M the co­
efficient was 0.00151, which is in very close agreement with 
the mean value 0.00156 calculated in the first case.
The only permissible conclusion obtainable in 1903 
from the above results was that the velocity coefficient is 
a function of the total ferro- plus ferri-cyanide concentra­
tion.
They inferred that it was not justifiable to apply any 
method for determining the order of reaction based on varying
14.
dilution. They therefore rejected the use of the 
Noyes-Van*t Hoff formula -
and they deduced from the rate constants that the order of 
reaction with respect to ferricyanide ion is two.
The variation of the coefficient kg from one series of 
measurements to another was explained by the assumption 
that ferricyanide and ferrocyanide ions partially dissociate 
in solution. Such dissociation in 1903 was regarded as of 
the "explosive" rather than a stepwise kind. According to 
this view, the mechanism of the reaction was expressed as 
follows :
(a) The action, 2 P e 2 P e ^ ^  + 12(CN)", which occurs 
practically instantaneously, being a readjustment of a 
reversible ionic equilibrium disturbed by the removal of 
ferric ions.
(b) A change 2Pe^^ + 3 I**--- ^ Pe^ "^  + proceeding with
a measurable velocity.
(c) A combination of 2Pe^‘*’ + 12(ON") 2Pe(0N)^" taking
place practically instantaneously, being a readjustment of a 
reversible ionic equilibrium disturbed by the addition of 
ferrous ions.
Assuming a to be the original total concentration of 
ferricyanide ions, and X to be the amount dissociated, then 
the original concentration of the ferric and cyanide ions 
will be X and 6X respectively.
15.
The equation of equilibrium is - 
K(a - X) = X (6X)^.
Since X is very small in comparison with a, therefore 
Ka = 6^  . x'^ .
7,____ y.
Hence X will be proportional to '/a , and Rate a'' •
Accordingly kg will be inversely proportional to a'', that
is to Thus the velocity coefficient kg will
increase as a diminishes which agrees qualitatively with
the experimental results. The rate determing step in
the reaction has the form -
2 Pe^'*' + 3 I" = 2 Pe^ "^  + I"
Donnan and Le Rossignol studied the effect of varying the
iodide concentration, whilst keeping the ferricyanide
concentration constant. They applied the Noyes-Van't Hoff
formula and they found that the order of reaction with
respect to iodide ions appeared to be three.
Useful ij.iformation concerning the reaction was 
presented by Just (Ref. 12). His observations on the 
velocity of the reaction when different potassium salts were 
added are important, and his suggestion that the undissociat­
ed potassium ferricyanide might be the actual reactant is a 
good approach to the mechanism of the reaction as will be 
seen from the work in this thesis. He also observed that 
the reaction is accelerated by cyanide, fluoride, and 
hydrogen ions, and retarded by hydroxyl ions and by ferro­
cyanide ions.
A mechanism for the oxidation of iodide by ferricyanide
16.
was proposed by Wagner (kef. 13), an intermediate Ig being 
postulated :
Pe(CN)g^" + + Pe(GN)g^"
Pe(CN)g^“ + I" ---> Ig + Pe(CN)g^~
Another reinvestigation of the kinetics and mechanism of
this reaction, once the influence of ionic strength was 
realised, was made by Von Kiss (Kef. 14). The reaction 
was found to be first order in ferricyanide and second 
order in iodide. She emphasised the accelerating effect 
due to hydrogen ions present in solution, and for an inter­
pretation of this effect she considered the following 
possibilities :
1. Through the secondary kinetic salt effect; i.e. 
through the effect on the extent of hydrolysis of ferri­
cyanide ion (which was not known).
2. Through the formation of the species HgPe(ON)^ and 
HPe(GH)^^ .
3. Through a pure catalytic efiect of hydrogen ions in 
preference to that by any other ions present in the reaction
Von Kiss realised the importance of maintaining a 
constant ionic strength (a feature not in current thought 
at the time of Donnan * s work;, but unf'ortunately she did 
not quite maintain the conditions which she advocated. 
However, her work put the order of reaction on to a better 
experimental foundation than the earlier work.
17.
In an. investigation by B;z(ckman and Sandved (Ref. 15), 
the reaction was followed colourimetrically at 20^0 in a 
salt-buffer solution. Y/hien the concentration of iodide 
ions in the salt solution was greater than 0.04M the 
reaction appeared to follow third order kinetics, and when 
the iodide ion concentration was diminished from 0.04M 
towards 0.0005M the course of the reaction continually 
approached that of a second order process. They found 
that reducing the concentration of ferricyanide ions had no 
corresponding effect on the order of the reaction. Bjz^ ckman 
and Sandved proposed for this reaction a pre-equilibrium 
of the type Pe(CN)^" + l" <---Pe(ON)^I^", with no dis­
cussion of the nature of the intermediate proposed.
The effects of neutral salts on the rate of reaction 
were studied by Eriedman and Anderson (Ref. 10) and 
comparative rates were obtained with and without the addition 
of KOI, NaCl, and NaNO^ in one-, two- and three-molar
solutions. 'With /Te(ON) equal to 0.075M and /Nal_]^  or 
equal to 0.2M, the acceleration of the reaction was 
proportional to the salt concentration and was greater for 
potassium than for sodium, and greater for chloride than for 
•nitrates.
In recent years, much research has been done on catalysed
18.
electron-transfer reactions. Waind has reported that 
charcoal and platinum black increase the rate of the reaction
I" + Pe(CN)^" y^  Ig + Pe(CN)^", and she suggested that
the catalyst acts as a conductor.
Spiro reported that the ferricyanide-iodide reaction 
proceeds more rapidly on the surface of platinum than in 
the main solution, confirming Just * s earlier observation 
(Refs. 12, 17, 18). He extended his work to other metals, 
studying the catalytic effect of Ruthenium, Rhodium,
Iridium, Palladium and Gold. Spiro suggests that reductant 
and oxidant are adsorbed and the metal provides a path for 
the electron transfer. Little catalysis should occur if 
the oxidant withdraws electrons slowly.
The rapid establishment of equilibrium in the presence 
of metals casts grave doubt upon potentiometric methods of 
measuring redox reaction rates (Ref. 2).
19.
Tile existence of different intermediate species in 
tile reactions of iodide ion, (e.g. I"*", Ig, is
widely recognised. Some of these intermediates have been 
recognised from kinetic measurements while the occurrence 
of others has been deduced from absorption spectra and 
comparison with analogous ion pairs in the halide family.
Prom kinetic measurements, the species has been 
recognised in the reaction between iodide and persulphate 
ions (Ref. 19). The mechanism of this reaction was 
represented by the following equations :
+ I" .so^i" +
so. I' ,80- + 1° ) „
80- + I-_^80|- + "  ''4:- + + '2
1° + 1° — . I2
The two intermediates 1° and I’*' have been assumed in the 
reaction between iodide ions and hydrogen peroxide in 
acidic and alkaline media respectively (Ref. 20). Weiss 
proposed the following mechanism :
(l) In an acid medium -
® 2°2 +
H 2O2 4- I"
H3O+ 4- I"
OH 4- I"
1° 4-
OH" + OH + 1°
- . O H  + HgO + 1°
4, OH- + 1°
I,
20.
(2) In an alkaline medium
H202 OH — HQ- + HgO
==i I" + 1+
HO" + 1+ -- >. HOg + 1°
HO 2 + «2°2 --- + HgO
OH + • I --> OH" + 1°
OH
In the reaction between iodide ions and ferric ions, 
which was accurately reinvestigated by Pudge and Sykes 
(Ref. 21), the following mechanism of the reaction was 
suggested :
re
The Ig radical was originally suggested by Wagner,
and was regarded as existing only for the duration of a
2+collision. The species Pel was proposed from a know-
2+ 2+ledge of the analogous ion pairs PeCl and PeBr which 
were characterised spectrophotometrically. The equilibrium 
constants for their formation have been measured (Ref. 22).
The intermediates in these iodide reactions are 
present in low concentration and they play an important role 
in the mechanism of these reactions. Since instability 
or reactivity is the essence of chemical change, these 
intermediates can be classified into two main groups.
(1) Pree radicals or radical ions which, on account of 
their free unpaired electron, enter into reaction with a low
21.
heat of activation and thus appear in low, stationary 
concentration.
(2) Unstable addition complexes which appear only under 
suitable conditions in certain chemical equilibria.
In view of this classification, it was our aim to find 
out whether the reaction between ferricyanide ions and iodide 
ions involves an intermediate belonging to the first group 
(Wagner mechanism) or whether it forms an addition complex 
intermediate of the second type (BjZ^ ckman mechanism).
22.
The Reaction between 
Ferricyanide Ions and Sulphite Ions
It is possible in principle to establish the mechanism 
of the oxidation of sulphite ions by any oxidising agent 
by studying the stoichiometry of the reaction, the products 
of the reaction and by the dependence of the relative rates 
of formation of the products upon reactant concentrations.
It has been shown that the products of sulphite oxidations 
carried out by different oxidising agents follow^invariable 
rule. They depend mainly upon the acidity of the solution, 
the concentration of the reactants and the type of oxidising 
agent, i.e. whether it is a 1-equivalent, 2-equivalent, or 
1, 2-equivalent-electron transfer reagent.
Chlorine, iodine and hydrogen peroxide all seem to 
produce largely sulphate together with traces of dithionate. 
The proportion of the latter product is small (about 0.4?o). 
The dithionate estimation was carried out gravimetrically by 
oxidation and precipitation as BaSO^, after initial removal 
of the directly formed sulphate.
Bassett and Henry (Ref. 25) showed that upon oxidation 
by permanganate and dichromate, both sulphate and dithionate 
are main products of the reactions. The percentage of 
dithionate formed was found to be about 199& using acid 
permanganate and i^o with dichromate. These proportions were 
shown to remain constant in each case over a wide range of
25.
concentrations of reactants and acidities, but in alkaline 
solution, permanganate yielded only sulphate.
Oxidation of sulphite by Pb(lV), Hg(Il) and Mn(lV) were 
also studied, the existence of a sulphite complex was 
postulated to explain the proportions of the oxidation 
products. For instance, the large yield of dithionate 
formed by manganese dioxide was attributed to the formation 
of the complex /®n(S0^)^_7 Since the tervalent state
of manganese is well defined, the formation of dithionate
was thought to be due to the loss of one electron from one
2-  0SO  ^group in the complex to the metal ion, fol]^ed by a
rapid combination of two SO^ groups from separate complexes 
(Ref. 24).
The formation of sulphate only in the reduction of lead 
dioxide was also attributed to the formation of a complex- 
sulphite ion. Two electrons could simultaneously be 
transferred from one SO^" group to the metal ion, with 
production of an uncharged SO^ group, which then reacts with 
water to form sulphate (Ref. 25).
The absence of dithionate in the reduction of mercuric 
oxide was explained by somewhat similar reasoning (loo. cit.), 
Dithionate formation in alkaline solution by electrolytic 
oxidation (Ref. 25) was explained in the same manner as for 
the oxidations by metals in high oxidation states, i.e. by 
the SOj" ion surrendering either one or two electrons to the
24.
2_
solid metal of the positive electrode. If two SO^" ions
each lose one electron and collide, dithionate ion results.2_
If, however, an 30^" ion loses both electrons, sulphate is 
formed (Ref. 25).
Molecular oxygen has been used to oxidise sulphurous 
acid and sulphites, and the formation of the products was 
thought by Haber and Wansbrough (Ref. 26) to follow a chain 
mechanism.
The photochemical oxidation of sulphurous acid and 
sulphites by oxygen follows the same sequence as the 
oxidation by free oxygen, i.e. reaction chains involving 
neutral HSO^ or single charged 30^ (Ref. 27). The formation 
of dithionate was supposed to result from the dimérisation 
of HSOj or 30j causing breaks in the chain.
Comments were made by Bassett and Henry on the oxidation 
by free oxygen. They assumed that the acid solution may 
contain the entities 30^, 30^", S^O^", H^SG^, H^S^O^,
^^2^5* HSO5 and HO SO^j the relative amounts being 
dependent upon the total sulphur dioxide concentration and 
upon the pH. They considered the reactions to be of chain 
type.
Catalysis by metal ions occurs in most of the reactions 
of sulphurous acid and sulphites. This subject was examined 
by Bassett and Parker (Ref. 24). In the oxidation of 
sulphurous acid by molecular oxygen, they showed that Ha"^ ,
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Zn^ '*’ and salts accelerate the oxidation
enormously. Cobalt and hickel have been shown to exhibit 
similar effects.
Traces of cupric ions have been shown by Frank and
Haber (Ref. 28) to initiate the chain reaction in the
oxidation of dilute sulphurous acid by oxygen. However 
Bassett and Parker contradicted this statement in discussing
the results of the oxidation of concentrated sulphurous acid
by molecular oxygen. They observed a great retardation 
caused by traces of cupric ions (0.00Ü025M). The following 
mechanism was postulated.
(a ) + 230^ -^===^ Zpu( 30^ )2_7^”
cupric ions being converted into complex sulphite anions.
(B) (2/Gu(S0j)2_7^~ + H2O = 2Gu‘^ + 30^" + 530^“ + H'*'
(2/Gu(30^)2_7^" = 2Gu+ + 820^^" + 23o|“
self oxidation and reduction of the complex anion.
(G) Gu+ + 2S0|":?=i /Gu(30^)2_7^" ;
^Gu( 30^ ) 2_7^ Og Gu( 30^ ) 2_/^
oxygen-sulphite complex anions formed from cuprous ions.
(D) Gu^+ + S0|~. ^Gu+ + S0~ i H+ + SO" ^  HSO^
/P2 — y Cu(SO^)2_7^" + H30^ = Gu^ '*’ + 230^" + HSO"
The formation of HbO" is considered to be a break in the 
chain suggested by Haber and Wansbrough, taking into 
consideration that HSO^ is the chief active agent in the 
chain reaction.
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(E) Zïïg--» Cu (S0^)2_7^'î^  Cü+ + 2S0^“
(E) 2/Ô^ -^  Cu(S0j)2_7^" + 2H+ = 2Gu^ '^  + 530^" + 30^“ + 1^0
The low yield of dithionate from the reaction catalysed 
by copper compared with the yield from the reaction 
catalysed by manganese suggests a step of reoxidation of 
cuprous copper.
In several inorganic oxidations, e.g. of sulphite and 
of hydrazine, different proportions of the products result 
when different oxidising agents are used. This has been 
interpreted in terms of different reaction mechanisms.
An explanation in the case of hydrazine in aqueous acid 
(Ref. 29) can be represented simple in the form :
A when reaction occurs with a 1-equivalent oxidising agent:
(1) X(R) X(R+1) initial oxidation process
(2) 2X(R$[)-- *"/T(N4-lj^  dimérisation of radicals
(3) 2X(R+1)— ♦X(R+11) 4- X(N) disproportionation of radicals
(4) X(N+1) I X(N+11), further oxidation of radical.
B when reaction is with a 2-equivalent oxidising agent :
(5) X(N) X(E+11)
Following the same line of argument, an investigation 
concerning the kinetics and mechanism of oxidation of 
sulphurous acid be ferric ions (a 1-equivalent reagent) in 
the presence of copper ions was made by Higginson and 
Marshall (Ref. 30). They showed that the major features of 
the oxidation are in accord with the general mechanism
27.
proposed for the hydrazine oxidation. They suggested the 
following mechanism:
+ H„SO,  ^: Ee^ '^  + HSO^ (1)
2HS0^ -- ^  HgSgO^ (2)
Ee^ "^  + HSO^ Ee^ "^  + SO^ (H^SO^) (3)
+ HSO^ --  ^ .^Gu"^  + SO^ (H^SO^) (4)
Gu"^  + Ee^ "^  > Gu^ "^  + Ee^ '^  (5)
Higginson and Marshall have attributed the different 
stoichiometries found in the oxidation of sulphurous acid 
by different oxidising agents to the mechanisms which are 
involved with each oxidising agent. Amongst the oxidising 
agents suffering one equivalent changes are eerie sulphate 
and potassium ferricyanide. The stoichiometry in the latter 
case at pH 7-12.3 was reported to be /1.2 - 1.^, the 
stoichiometry being defined as the number of equivalents 
of the oxidising agent consumed per substrate molecule or ion, 
On the other hand the stoichiometries of the reaction 
of sulphurous acid with permanganate and dichromate which 
belong to the class of 1, 2-equivalent reagents were 1.81 
and 1.96 respectively (Ref. 23). These figures are at 
variance with those given by Higginson and Marshall. They 
attributed values for the stoichiometry of less than 2.0 
when a 2-equivalent reagent is being used to the possibility
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of a side reaction of the pyrosulphite present in acid 
solutions of sulphites.
The formation of dithionate could also occur by the 
following reactions:
So|" + Y(N+11)---»(SOÿ-> Y)^" ; S0^~ + (80^ -»Y)^%— ^ ^ 2^6^"
+ Y(N)
where Y(N+ll) and Y(U) are the oxidised and reduced forms 
of a 2-equivalent reagent.
From the previous review, however, reactions of sul­
phurous acid and sulphites seem to be of a complex nature.
Chemical reactions in general are often classified as 
acid-base, free radical or electron transfer processes.
Atom transfer reactions can be classified as either acid- 
base or free radical reactions, depending on whether a change 
in oxidation state of two units or one unit occurs in a 
particular step (changes of three units do not occur in a 
single step of any redox reaction (Ref. 31).
The valency of a sulphur atom in sulphate, sulphite, 
and dithionate is six, four and six respectively. There­
fore it is of interest to know the mechanism in which the 
main possible products are formed during the reaction.
This situation suggests that determination of the stoichio­
metry of the reaction at different acidities is necessary.
29.
REFERENCES
1. Haynes, Turner and Waters, J.G.S. 1956, 2823.
2. Speakinan and Waters, J.G.S., 1955, 40.
3. Thyagarajan, Ghem. Rev., 1958, 439.
4. Sandved and Holt, Tids. Kjemi, Bergen, 1940, 20, 72.
5. Batstone, Ph.D. Thesis, London, 1957.
6. Adamson, J. Phys. Ghem. 1956. 858.
7. Vogel, Textbook of Chemical Analysis.
8. Lamer and Friedman, J.A.G.S., 1930, 876.
9. Lamer and Sandved, J.A.G.S., 1928, 2656.
10. Friedman and Anderson, J.A.G.S., 1939, 116.o
11. Donnan and Le Rossignol, J.G.S., 1903, 703.
12. Just, Z. phys. Ghem., 1908, 63, 513.
13. Wagner, Z. phys. Ghem., 1924, 113, 261.
14. Von Kiss, Rec. trav. Ghim., 1933, 52, 289.
15. B)z(ckman and Sandved, Tids. Kjemi, Bergen, 1940, 20, 72.
16. Harcourt and Esson, Proc. Roy. Soc., 1867, 157, 117.
17. Waind, Ghem. and Ind., 1955, 1388.
18. Spiro, J.G.S., I960, 733, 3678.
19. Evans and Baxendole, T.F.S., 1946, 42, 197.
20. Weiss, Ann. Reports, 1947, 44, 60.
21. Fudge and Sykes, J.G.S., 1952, 119.
22. Rabinowitch and Stockmeyer, J.A.G.S., 1942, b4, 335.
23. Bassett and Henry, J.G.S., 1935, 914.
24. Bassext and Parker, J.G.3., 1951, 1540.
50.
25. Olasstone, J.O.S., 1933, 829.
26. Haber and Wansbrongh, Z. phys. Ohem., 1932, 16, 103-23.
27. Backstrom, C.A. 1934, 4969.
28. Frank and Haoer, O.A. 1931, 4773.
29. Higginson and Wright, J.G.S., 1955, 1551.
30. Higginson and Marshall, J.G.S., 1957, 447.
31. Westheimer, The Mechanism of Enzymer Action, 1954, 3^ 1.
31.
P A R T  O N E
"The reaction between ferricyanide and
iodide ions"
32.
SECTION 1 
Experimental
1. Materials
All reagents used in these investigations were 
initially of "Analar" grade when possible. Potassium 
ferricyanide was further recrystallised from water. The 
crystals were left to dry in a vacuum desiccator. Their 
purity was checked following the procedure given by vogel 
(Ref .1. ) Potassium iodide was used directly as the "Analar" 
reagent. Sodium thiosulphate solutions were obtained from 
analar crystals dissolved in distilled water and they were 
filtered to remove any colloidal sulphur particles. Then 
the normality was checked iodometrically. Other reagents 
were prepared as necessary.
2. Experimental Technique
Two methods were used for following the course 
of the reaction, namely A. Titration,
B. A spectrophotometric Method.
A. The titration method:-
Equilibrium in the system Ee(ON)^ ^"/Pe(ON) plus 
I2/I"" lies well over to the Ee(CN)^^" plus I" side.
In the present investigation %2 cannot therefore be
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allowed to accumulate. It can be removed as formed by the 
method used by earlier workers - the addition of known 
quantities of thiosulphate.
The titration method thus depends in principle on the 
rate of consumption of thiosulphate ions by the liberated 
iodine from the reaction.
To detect the equivalence points in these titrations, 
two procedures were tried, firstly using starch as an 
indicator, secondly using polarised platinum electrodes. 
Experiments in which starch was used as an indicator showed 
accurately reproducible results and the method was easily 
applicable at all concentrations of ferricyanide and ionic 
strengths investigated. Titrations inwhich platinum 
electrodes were introduced were carried out in the following 
manner:-
Two platinum wires, 0.5cm. long, dipped into the 
solution and were connected with a sensitive Galvanometer, 
the solution was stirred by an electric motor whose speed 
was maintained constant with a controlling resistance. On 
the addition of thiosulphate to the reaction mixture, the 
galvanometer indicated zero potential across the two 
electrodes, the galvanometer gave a non zero reading when 
generation of iodine was taking place.
This procedure was found to be usable where the con­
centration of ferricyanide ranged between 0.0125 M. and
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0.0666 M., but under many other conditions it proved to 
be very difficult to find the equivalence point. The use 
of this method was abandoned.
The total volume of the reaction mixture in most 
experiments, was 100 ml., small additions of thiosulphate 
making no appreciable difference to this, except where 
specifically stated to the contrary 100 ml. is the volume 
of all reaction mixtures.
The two reactants together with any necessary additives 
were separately thermostated to a suitable temperature 
(e.g. 25  ^i 0.02^0.), and mixed.
A small measured amount of thiosulphate was included 
with the iodide. Successive and accurately known additions 
of IM Sodium thiosulphate solution were made from an Agla 
syringe as it was used up. The time at which each addition 
of thiosulphate was consumed by iodine was determined either 
by the starch method (or by the "dead stop" electrode 
method). The reaction mixture was slowly mechanically 
stirred.
Some typical results for each method are given in Table 
(l). In all tables on this reaction V refers to the 
volume of thiosulphate solution in c.c. added, and time is 
given in minutes and seconds.
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Table 1
Comparison of the two titration methods
A. Starch method. B. Platinum electrode method.
[Ee(CN)g^~] = 0.0122M, 
il"] = 0.198M,
= l.OM,
T = 34.5°C.
Total volume of the reaction mixture is 51 c.c.
s,o/- Time (m.s.) V, 8gO^^- Time (m.s.)
0.01 3 00 0.01 3 30
0.02 9 00 0.02 9 00
0.03 16 00 0.03 16 30
0.04 24 00 0.04 24 00
0.05 32 45 0.05 32 00
0.06 42 5 0.06 40 00
0.07 51 55 0.07 48 00
0.08 62 00 0.08 57 00
0.09 72 20 0.09 66 00
0.10 84 00 0.10 76 00
0.11 95 55 0.11 86 00
0.12 108 30 0.12 96 30
B. The spectrophotometric method 
This method depends in principle on the rate of 
consumption of ferricyanide ions during the course of the
36.
reaction.
Pemcyanide ion absorbs in the visible and in the 
U.V. region of the spectrum, and it was found that 
absorption in the visible region did not alter when neutral 
salts were added.
The absorption spectrum found for this complex ion 
agreed closely with that reported by Ibers and Davidson 
(Ref. 2), as can be seen from the results shown in 
Pig. (l). The optical density at 420 was found to be 
a direct measure of the hexacyanoferrate (111) concentration, 
and followed the Beer-Lambert law perfectly.
This method was found to be of about equal utility to 
that using starch. The procedure adopted was similar to 
that of the starch method. It consisted of taking samples 
from the reaction mixture (which contained initially 
sodium thiosulphate) once every few minutes, and noting the 
time at which the optical density at 420 mytA was read for 
each sample.
If the initial concentration of ferricyanide ion in 
the reaction mixture exceeded O.OOIM, then dilution of the 
sample before taking the optical density was necessary, 
and the reaction time is taken to be the moment of dilution 
of the concentrated sample (optical density was read 
rapidly afterwards). This "pointwise" method of taking 
samples was employed to obviate any difficulties due to 
photochemical effects upon the reaction occurring in the
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spectrophotometer.
Table 2
A typical result of a spectrophotometric Experiment
[Fe(CN)g^“] = O.OOIM,
[I“] = 0.15M,
[SgO^] = O.OOIM (in mixture 
KOI = 0.708M,
T = 25°C.
Time (min.) Opt. density
(0) (0.98)
5 0.94
10 0.93
20 0.91
32 0.87
50 0.84
100 0.70
158 0.51
259 0.481
373 0.378
It can be seen from the results shown in Table 2 
that the depression in the optical density with time can 
be used to determine the rate of the reaction. One 
major advantage of this method is that, it can be used at
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low ferricyanide ion concentration (between O.OOIM and
0.00025M). The starch method is more suitable in the 
faster reactions involving higher concentrations of 
ferricyanide. Comparison between the spectrophotometric 
method and the starch method was carried out in the 
following way:
A. Starch Method:-
[Fe(CN)g^”] = 0.025M, 
[I~] = 0.25M,
pH = 6.8 (phosphate buffer)
T = 25°C.,
= 0.413, 
2-
V, SgO^ '^ - Time (m.s. )
0.02 3 35
0.04 7 35
0.06 11 40
0.08 15 45
0.10 19 53
0.12 24 1
0.14 28 13
0.16 32 20
0.18 36 35
0.20 41 00
The initial rate (I.E.) expressed in volume of IM 
thiosulphate used per minute for the above experiment
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is 6.7 X 10  ^c.c./min. i.e. the initial rate of loss 
of Pe(CN)^^" = 6.7 X 10"^  mole/min.
B. The experiment was also followed spectrophoto­
metrically. The optical density of the diluted reaction 
mixture (Ic.c. — >-25c.c.) was taken for a number of samples 
at different times.
Prior additions of 0.04 c.c. of IM thiosulphate to 
the reaction mixture were made once every seven minutes 
to remove iodine. Some of the results are shown in the 
table below.
Time (m.s.) B (optical density)
2 00 0.94
13 30 0.91
24 00 0.89
38 00 0.865
43 30 0.85
53 00 0.83
67 00 0.795
88 00 0.775
Calculation of the initial rate:-
At time zero, the concentration of ferricyanide 
in the original solution = 0.025M, and it is equal to
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O.OOIM after dilution.
The optical density of the O.OOIM solution of
ferricyanide at 420 m was found to be 0.98.
Prom a graph of these results, the initial rate
of the reaction corresponds to a loss of 0.0025 units of
optical density per minute for the diluted solution.
Thus 0.0025 M/min. is the rate of fall of [Pe(GN)^^"]
980 ^
in this solution.
Corresponding to 0.0025 x 25 mole/min. lost by 100c.c.
980 X 10
of reaction mixture. Hence rate measured photometrically = 
6.4 X 10  ^mole/min. Reasonable agreement is thus 
obtainable.
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SECTION 2 
Preliminary Experiments
It was first necessary to determine what com­
plicating factors (if any) should be eliminated or 
controlled.
1. Effect of light.
It is expected that irradiation of a solution 
containing complex ions with light of wave lengths 
within the region of d-d transfer spectra (visible) 
might produce chemical changes.
Photochemical oxidation-reduction reactions caused 
by the absorption of light in this region are much less 
probable than any following absorption in the charge 
transfer region (ultra violet). This is because of the 
lower intensity of light absorption and the lower energy 
of the quanta absorbed (Ref. 9).
It has however, been suggested that photo chemically 
induced substitution reactions may occur after d-d 
excitation of the metal atom.
Fe(CN)g^" Fe (CN)g^“   1.
Fe (CN)g^" + HgO ---^ [Fe(CN)çH20]^" + ON" .....  2.
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The photodissociation of hexacyanoferrate (ill) ion 
has been discussed by MacDiarmid and Hall following the 
line of reasoning by Asperger (Ref. 10) on the photo­
dissociation of hexacyanoferrate (11).
(i.e.) + HgO [M(CU)^_^(H20) + ON"
M(OSr)^ "^  + H^ '^ 0 [M(GN)^_^(H20)]^~y + HON
The free cyanide ion formed would hydrolyze 
instantaneously with a consequent rise in pH.
For halide ions, a process occurring after the absorp­
tion of light is a transfer of an electron from the ion 
to any molecule of water in the hydration layer. This 
electron may return to its initial state if no photochemical 
changes happen afterwards, but if a reaction occurs, then 
a final state will be reached with a transfer of this electron 
to a positive ion. The mechanism of this transfer has been 
formulated as:-
[I“H20] + ^ I.H2“0
I.H2"0 +  ^ I + H2O + H
Ferricyanide and iodide ions are thus both potentially 
photochemically active. Therefore it is possible to have 
a transfer of an electron (in the experiments carried out
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in the light) between the intermediate species 
and ferricyanide species (Pe(GN)^^“ , Fe^ (ON)^ "^" or 
Pe(0N)^2~.H20).
Several kinetic experiments wepre carried out in bright 
diffuse daylight, and other experiments in dark bottles*
It can be seen from the results shown in Fig. (2) and 
Table (3) that reactions carried out in the light are a 
little faster than those reactions which were carried out 
in the dark. It was decided to carry out all the 
experiments in ordinary room illumination (no direct 
sunlight).
Table 3
Comparison of typical reaction rate in the presence and 
absence of light.
[Fe(CN)g^"] = O.IM,
[I“] = O.IM, 
pH = 5.91 
 ^= 1.00,
T = 25°C.,
= 1.02M.
Solutions exposed to light 
V. Time
Solutions in dark bottles 
V. Time
0.2
0.3
0.4
0.5
17
28
38
51
14
20
56
12
0.2
0.3
0.4
0.5
17
29
40
53
35 
14 
46
36
45.
These experiments used starch as the indicator.
The experiments done in the light were carried out first. 
The "dark" reactions were allowed to go in the dark until 
the time corresponding to the appearance of colour in the 
"light" experiment was almost reached. The "dark" bottle 
was then uncovered and observed.
{ D-DJ
vn
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2. The effect of siirfaoe on the rate of reaction.
Many reactions have been shown to be catalysed or 
retarded by solid surfaces. The general effect of the 
surface upon the reaction is to cause some of the ions 
or molecules to be present in much higher concentrations 
than in the main body of the solution.
.The specific effect of the solid surfaces as in many 
Redox reactions catalysed by metals, is to transfer 
electrons from one ion to the other. Retardations caused 
by inert surfaces may arise from the fact that one type 
of ion has a strong tendency to absorb onto the surface 
while the other reactant is kept away from the surface.
Glass was taken as an example of an inert surface, 
and experiments were made where the reagent bottle was 
packed with short lengths of glass tubing so as to increase 
the area of glass surface exposed to the solution to several 
times that present in the bottle itself.
It can be seen from the results shown in Table (4) 
that a very slight retardation accompanied the experiments 
in the packed reaction vessels. All future work was done 
with constant surface area and with a constant total 
volume of the reaction mixture. The second type of 
solid may have an active surface.
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Table 4
Comparison of the reaction velocity in unpacked (A) and 
packed (B,G) vessels.
[Pe(CN)g^"] = 0.025M,
[I~] = O.IM,
^  — 0.8642,
pH = 6.81,
T = 25°C.,
= 1.02M.
V. A. Time B. Time 
(Double surface 
area)
C. Time 
(Triple 
a
0.02 6 25 6 45 7 15
0.04 13 2 13 25 14 30
0.06 20 6 20 40 21 35
0.08 27 17 27 50 29 00
0.10 34 20 35 10 36 30
0.12 41 52 42 55 44 00
0.14 49 52 50 59 51 52
0.16 57 20 . 58 30 59 48
It has been shown that metals generally accelerate the 
rate of the ferricyanide-iodide reaction, thus platinum, 
copper, gold, and other noble metals have shown to be good 
conductors for electrons in this system (Ref. 3).
Concerning non-metal conductors, quantitative experiments
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were done using finely divided graphite. Different 
amounts were added to a constantly repeated reaction 
mixture in separate runs. The results were found to 
be in agreement to those reported by Waind on the 
catalytic activity of charcoal on this reaction (Ref. 4). 
Some typical results are given in table (5) and Rig. 3. 
Another set of results can be seen from table (5A, B) 
concerning a comparison between the effect of an inert 
surface (powdered silica) and of an active surface 
(finely divided graphite).
Table 5
Comparison of initial reaction rate in the presence of 
no added surface (A), and an inert surface (B) and an 
active surface (C, D).
[Fe(CN)g^"] = 0.025M, [l"] = 0.25M, ^  = 0.413,
T = 25°C., pH = 6.81, [SgO^z-] = l.OM.
V. A. Time B. Time
Control 1.09g. SiOg a
0.02 3 20 3 30
0.04 7 05 8 10
0.06 10 55 12 00
0.08 14 55 15 50
0.10 18 55 19 40
0.12 23 00 23 45
0.14 27 10 28 00
0.16 31 17 32 20
0.18 35 28 36 40
0.20 39 40 41 05
I.R = 5.84C.C. ~  min~^ I.R = 5.21 X :(0^  c c  8^0,2- “  x 10"^
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V. 0. Time D. Time
1.154g. graphite 1.518g. graphite
added added
0.15 2 10 1 30
0.30 7 15 4 . 50
0.45 17 05 12 40
0.60 32 55 23 15
0.75 57 00 40 45
0.90 91 30 64 00
For C. I.R = 2.94 X 10"2 c.c. “ min"
For D. I.R = 3.6 X 10"2 2— —1c.c. SoO, min .
XG o f
 «--------------------------------------------
O
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3. The effect of atmospheric oxygen.
For the establishment of a suitable environment for 
carrying out kinetic work, it is important to study the 
effect of dissolved gases in the solutions. Thus it is 
important to examine the effect of oxygen. In experiments 
now reported 0  ^was bubbled tbrought the iodide and 
ferricyanide solutions for half-an-hour before mixing, and 
the gas flow was continued during the kinetic run.
For comparison between the above rate and that in the 
presence of an inert gas, the experiment was repeated with 
nitrogen. It can be seen from the results given in Table (6) 
that, slight acceleration over ungassed solutions occurs in 
the experiments with both nitrogen and oxygen.
This result might be explained thus :- most inorganic 
salts dissolved in water increase the surface tension of 
the solution, causing the concentration of the reactants on 
the surface of the bubbles to be less than that in the bulk 
of the solution. As a consequence of this negative 
absorption, the rate of reaction increases.
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Table 6
Comparison of reaction rates in the absence and 
presence of a stream of nitrogen and oxygen bubbles.
[S’e(CN)g^“] = 0.025M, [r■] = 0.25M, pH =: 5.91
T = 25°0.,
/•
= 0.5, = 1.02M.
V. A. B. c.
Time ( ex«»pt. Time (exempt. Time (ex##pt
under■ normal with with Op)
conditions) 2
0.05 6 58 6 31 6 51
0.10 14 59 14 00 14 14
0.15 23 4 21 45 22 5
0.20 51 21 29 51 50 18
0.25 41 1 38 22 58 47
0.30 49 45 47 25 47 51
0.35 59 20 56 42 57 10
0.40 69 21 66 31 66 59
0.45 79 55 76 48 77 18
0.50 89 57 87 36 88 5
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SECTION 3 
Factors affecting the reaction
1. The effect of addition of potassium ferrocyanide.
Addition of the products in many reversible reactions 
will modify their kinetics. The retardation effect 
caused by ferrocyanide ion has been discussed for this 
reaction by Donnan and Le Rosignol. Their interpretation 
was based on the assumption that ferricyanide ions and 
ferr0cyanide ions have some tendency to dissociate in 
solution; and that ferric ions are the actual entities 
which react with iodide, ferrous ions being regarded as 
the cause of retardation.
In view of these results it was decided to carry 
out a series of experiments under controlled conditions 
of pH, ionic strength and temperature, but differing in the 
amount of ferrocyanide initially added to reaction mixtures 
A typical set of results is given in table (7) and 
Fig. 4.
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Table 7
Gomparison of reaction rates in the presence and 
absence of Fe(ON)^^".
[Fe(CN)g^"] = 0.025M, [l“] = 0.2M, ^ = 0.864,
iSgO^^”] = l.OM, T = 25°C., pH = 6.81 (phosphate buffer)
V.
Time
A. B. 0. D.
0.05 4 55 5 05 5 22 5 54
0.10 10 14 10 50 11 05 11 55
0.15 15 21 15 50 17 02 17 45
0.20 20 55 21 57 23 19 24 00
0.25 26 58 27 59 29 55 50 48
0.30 55 05 54 48 56 55 57 50
0.55 59 50 42 07 45 50 45 00
0.40 46 25 49 15 50 55 52 55
0.45 55 40 56 55 59 09 60 50
0.55 61 20 64 25 67 51 68 45
V = 0.25 c.c. corresponds to 10^ completion of reaction
0.50 c.c. = 20?^.
In A Fe(CN)g'’'" = 0 initially
B has added O.OOOIM ferrocyanide 
0 has added 0.0002M ferrocyanide 
D has added 0.0003M ferrocyanide
It can be seen that thé difference in time for 10?^  
completion between A and D (3 min. 50 sec.) is close to half
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the corresponding figure (7min.25sec.) found at 20^ reaction, 
The effect is therefore continuing not just transient over 
the early stages of reaction.
Another point of interest from these results is that, 
differences in time for 10^ completion of the reaction 
for experiments A, B, C and D indicate a linear effective 
retardation occurring during the reaction proportional 
to the concentration of ferrocyanide ions present initially 
in the reaction mixture. Since ferrocyanide is the reaction 
product much of this investigation will be confined to the 
kinetic study of the initial rate of reaction. The later 
stages of reaction will clearly have very complicated 
kinetics.
2. The effect of addition of sodium tetrathionate.
A possible cause of the complication arising in the 
interpretation of the kinetics of this reaction in the 
earlier investigations might come from the tetrathionate 
ions which are formed as a result of the reaction between 
sodium thiosulphate and iodine in the reaction mixture.
/f 2Na28gO^ +
To examine the effect of these ions, several 
spectrophotometric experiments were done at constant 
temperature, constant ionic strength, and constant con­
centrations of the reactants, but differing in the quantity 
of sodium tetrathionate initially added to the reaction 
mixture.
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The results indicate that tetrathionate ions do have an 
effect. A typical set of results can be seen from table (8) 
Sodium tetrathionate was prepared by the procedure given by 
Mellor (Comprehensive treatise on inorganic and theoretical 
chemistry).
Table 8
Rates in the presence of sodium tetrathionate.
[Pe(CN)g^"] = O.OOIM, [I“] = 0.35M, yu = 0.864,
T = 25°C., = O.OOIM in mixture, A = 420 myu.
A. Time E. B. Time E. C. Time B.
4 min, 0.79 8 min. 0.755 8 min. 0.76
9 0.70 22 0.60 22 0.638
17 0.60 55 0.496 52 0.555
44 0.415 49 0.405 48 0.455
69 0.305 70 0.32 70 0.355
87 0.254 94 0.254 92 0.284
107 0.211 115 0.207 115 0.228
123 0.186 156 0.177 136 0.192
145 0.155 155 0.156 155 0.165
157 0.142 177 0.134 175 0.150
In A there is no added tetrathionate
B contains O.OOIM S^Og^“ initially
C contains 0.0025M S^Og^” initially
3. Medium effect.
A Mum general effect of solvent on the reaction rate
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arises from changing the dielectric constant. For 
reactions between ions of similar charge, coulombic 
repulsive forces would increase with a decrease in 
the dielectric constant of the solvent, thus increasing 
the energy of activation of the reaction.
It was found that lowering the dielectric constant of 
the medium slows down the reaction between ferricyanide and 
iodide ions. Typical results of some experiments carried 
out when different quantities of acetone were added are 
reported in table 9.
Another effect of the solvent arises when the rate 
determining step of the reaction involves molecules of solvent 
or the stretching of bonds derivable from the solvent. 
Deuterium oxide (99.83^ pure), was used instead of water 
as solvent. The rate of reaction was unaltered by this 
substitution of D2O for H2O. This result suggests that 
no water molecules are involved in the rate determining 
step of this reaction. Some typical results are shown in 
table 10.
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[Pe(aN)g^"] = 0.025M, 
= l.OM, '
Table 9
[i‘]
= 0.413,
= 0.25M, pH = 6.8, 
T = 25°C.
A. without Acetone B. with 1 c.c. Acetone
7. Time 7. Time
0.02 3 20 0.02 4 3
0.04 7 5 0.04 7 45
0.06 10 55 0.06 11 28
0.08 14 55 0.08 15 15
0.10 18 55 0.10 19 15
0.12 23 00 0.12 23 15
0.14 27 10 0.14 27 27
0.16 31 17 0.16 31 40
0.18 35 28
0.20 39 40
!. with 2 c.c., Acetone D. with 3 c • c • Acetone
V. Time 7. Time
0.015 3 40 0.01 2 50
0.030 7 33 0.02 6 5
0.045 11 25 0.03 9 10
0.060 15 17 0.04 12 17
0.075 19 13 0.05 15 24
0.090 23 10 0.06 18 32
0.105 27 12 0.07 21 40
0.120 31 20 0.08 24 53
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1. with 4 C.C. Acetone P. with 5 c.c. Acetone
V. Time V. Time
0.01 3 15 0.01 3 35
0.02 6 35 0.02 7 35
0.03 10 00 0.03 11 35
0.04 13 20 0.04 15 30
0.05 16 45 0.05 19 25
0.06 20 10 0.06 23 20
0.07 23 40 0.07 27 25
0.08 27 10 0.08 31 23
Gr. with 10 c.c. Acetone
V. Time
0.01 6 00
0.02 12 15
0.022 15 15
0.024 18 00
0.026 19 45
0.028 21 45
0.030 23 45
0.032 25 45
0.034 28 00
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Table 10
[Fe(GN)g^"] = 0.045M, [l"] = 0.135M, ytA = 0.413,
[8gO^^"] = l.OM, T = 25°C.
7. Water
A.
as solvent 
Time
DpO as 
 ^ B.
solvent
Time
0.02 7 20 7 40
0.04 15 50 15 30
0.06 23 30 23 30
0.08 32 05 31 35
0.10 39 50 39 45
0.12 48 30 48 00
0.14 57 15 56 25
0.16 65 40 64 45
0.18 74 07 73 25
0.20 82 45 82 20
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4. The effect of temperature on reaction rate.
For a reaction to take place, the reactant species 
must be in an activated state, and there exists a 
thermodynamic equilibrium between normal and activated 
species. Rise in temperature increases the proportion 
of active species.
The influence of temperature on reaction rate constant 
(k) can be represented by Arrhenius’s equation.
Log k = log A - 23Ü5RÏ
where A and E are constants specific to a particular 
reaction.
The value of E can be calculated graphically from
the slope of the log k versus ^ graph.
T
For the reaction between ferricyanide and iodide ions, 
k was calculated assuming that the order of the reaction with 
respect to ferricyanide is unity, and iodide ion concentration 
does not change during the reaction. (For details see 
next chapter, equation 5). Thus an effective initial 
first order constant can be used. By applying the 
Arrhenius equation to the results reported in table (11), 
the activation energy (E) was found to be 8.19 Kcal.mole""^ 
(using the least squares* method). See also Fig. 5.
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Table 11
The effect of temperature on reaction rate.
[Fe(GlT)g^ "] = 0.025M, [l“] = 0.2M, pH = 6.81,
y(A = 0.365, = l.OM.
V. Time (5.0°C.) Time (10.0°C.)
0.01 8 25 6 25
0.02 17 50 14 25
0.03 27 00 22 30
0.04 35 50 30 45
0.05 44 00 39 00
0.06 53 30 47 15
0.07 62 40 55 20
0.08 71 30 63 40
0.09 80 00 71 20
0.10 88 50 79 37
LO^k (min” )^ 4.56 4.97
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Table 11 continued.
V. Time Time Time Time Time Time
(15'■'C) (20oq) (25°C) (30O0) (35°0) (40°0)
0.02 10 25 8 05 6 00 5 15 4 13 3 30
0.04 21 50 17 45 13 25 10 20 8 37 5 58
0.05 33 15 27 20 20 00 15 25 13 05 10 20
0.08 44 35 37 00 27 20 20 40 17 35 13, 53
0.10 ■ 55 50 45 55 34 40- 25 47 22 10 17 32
0.12 57 05 55 40 42 05 31 30 26 50 21 15
0.14 78 05 66 40 49 35 37 20 31 40 25 10
0.15 89 17 75 45 57 20 43 27 35 40 29 10
0.18 100 50 87 00 55 05 49 40 41 30 33 10
0.20 112 30 97 30 72 55 55 55 45 25 37 15
lO^k (min"^)
7.22 8.47 11.37 14.9 17.8 22.1
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5. The effect of thiosulphate ions.
The side reaction between thiosulphate and 
ferricyanide ions was thought to be a possible cause of 
the uncertainty in interpreting the rate expression of 
the reaction between ferricyanide and iodide ions.
Batstone*s work is useful here. She concluded that the 
rate of this side reaction is relatively slow compared with 
our main reaction. Some runs were performed, in each of 
which constant additions of thiosulphate were made, but in 
which the size of this constant addition varied from one 
experiment to another. For example in run A 0.005 ml. 
was added at a time; in B, 0.01 ml.; in 0, 0.02 ml. etc. 
large additions had the effect of apparently increasing.the 
rate but small additions tended to a limiting result, 
assumed to be correct. This is illustrated in table (12) 
and Fig. (6). In all work described here, the minimum 
reasonable additions of thiosulphate were made. This habit 
of keeping the thiosulphate concentration very low helps to 
prevent thiosulphate also reacting with (and being removed 
by) ferricyanide. This of course would annarentlv 
increase rate of production. True initial rates of the 
Fe(GR)^^“/I’’ reaction should thus be obtained by the use 
of minimal additions of thiosulphate.
It is possible that this habit could cause complications 
later in the reaction in that [Fe(CN)^^“] is beginning
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to rise and any produced has a low chance of meeting 
2_
^2^3 " because it is in low concentration but a higher 
chance of meeting, and reacting with [Fe(ON)^^"] 
regenerating the reactants. Thus the apparent rate constant 
might fall off throughout the reaction due to this cause. 
Certainly the addition of ferrocyanide initially has a 
retarding effect. However we are unable to do anything about 
this with the present technique. It would be necessary 
to introduce considerable extra complications to remove 
ferrocyanide as it is formed to try to prevent this effect 
(if it is real).
It is also possible of course, that the apparent 
acceleration of initial rate by larger quantities of 
thiosulphate may be explained by the mechanism put forward 
by Raschig, Griffith and Irving (Ref. 5.) on induction 
effects of thiosulphate ions in the iodine - azide and 
iodine - nitrate reactions.
The induction effects were suggested to follow these 
mechanisms:-
A  A.   y + I"
^  y S^Og + 5^2
^ ■ (0  ^ y sulphate +
X     + 2^2
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Thus additions of excess sodium thiosulphate to our 
reaction mixture could cause the species which is
considered to have a life time of the order of minutes 
(Ref. 5.) to react with ferricyanide ions as well as with 
the thiosulphate ions in the following manner:-
/I 1 ~  + s„0_l" + 21"5 2 3 2 3
X  S2O3I- + SgO/" > S40/- + I"
A
320^1" + Fe(CN)g^" ___^ S20^Fe(CN)g^“ + I"
2S20^Fe(CN)g^" ____^ 8^0g^" + 2Fe(CN)g^“
However as said above, we hope to have avoided such 
complications by use of minimal amounts of thiosulphate.
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Table 12
A.
:cN)g5-] = 0.025M, [I‘] = 0I.iom, ytA = 0.8642,1
25°0., [S^o = 0.94M, pH = 6.8.
Additions of 0.005 c.c. of B. Additions of 0.01 C.i
sodium thiosulphate • sodium thiosulphate
7. Time V. Time
0.005 1 25 0.01 2 55
0.010 2 55 0.02 5 50
0.015 4 20 0.03 8 50
0.020 5 45 0.04 11 50
0.025 7 7 0.05 14 55
0.030 8 35 • • # # e # # # 0 0 # # # e
0.035 10 2 0.10 30 15
0.040 11 30 • # # * # # e 0 0 0
0.045 12 58 0.15 46 10
0.050 14 25 # # # # # * # ## ## # # # 
e • • • a •  e # # # # # 0.20 62 30
0.100 29 40 # e e# # # # # # #
: : : : : : 0.25 79 40
0.150 45 37 # # # # e # # # # 0 • 0 0 0
: : : : # # # # 0.30 97 20
0.200 62 25 # # # # # # e # • •
• # 
• e 0.35 115 50
0.250 80 10 e 0  0 0 0 0 • • • 0 0 0
e # 
# # 0.40 134 55
0.300 98 45 • • • e # #
# # 
# •
0 # 
# # 0.45 154 42
0.350 118 5 • 0 0  0 0 0 0 0 0 0
a • • • 
• # e #
# e #
• # # : 0.50 175 7
0.400 138 5
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G. Additions of 0.02 c.c. 
of sodium thiosulphate
D. Additions of 0.04 c.c. 
of sodium thiosulphate
V. Time V. Time
0.02 5 9 0.04 10 20
0.04 10 57 0.08 21 47
0.06 16 55 0.12 33 15
0.08 22 55 0.16 44 45
0.10 28 55 0.20 56 40
0.12 35 15 0.24 69 00
0.14 41 45 0.28 81 50
0.16 48 25 0.32 95 7
0.36 108 55
0.22 69 5 0.40 123 20
# ! 2 
0.28
0 0 0 0
91 12 
* # 0 0i II
0.34
• 0 0 0
114 20
• 0 0 0  
0.40
• • • Il
138 20
E. Additions of 0.1 c.c.
of sodium thiosulphate
7. Time
0.1 25 00
0.2 52 20
0.3 82 5
0.4 115 40
0.5 154 00
0.6 198 45
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6. The effect of the acidity on the rate of the reaction.
Some initial kinetic runs were performed, in which 
no buffer solutions were added, and the natural pH of 
the solutions was observed as reaction proceeded. A 
slight increase in the pH during the reaction was found 
a result which may be due to the added thiosulphate and 
consequent tetrathionate, or to a difference in dissociation 
constants for the last stepwise dissociation of ferri- and 
ferro-cyanic acids. This suggestion is supported by the 
work of Koltho^ff (6) and Brigando (7) who consider the 
former acid to be completely dissociated in solution 
while the latter is not.
The pH readings were taken for these experiments on 
a Doran pH meter, equipped with an alkacid glass electrode 
and a saturated calomel electrode. In view of the previous 
results, it was decided to carry out a series of experiments 
in buffered solutions. The pH was chosen for many experi­
ments so that it was not far removed from the natural pH of 
the reaction mixture. Thus a mixture of solutions of 
potassium dihydrogen phosphate and disodium hydrogen 
phosphate corresponding to a pH of 6.81 was frequently used.
(see table 13).
Variation in the initial ferricyanide ion concentration 
does not have a large effect on the pH of the bufxered 
solution as can be seen from the results shown in table (13A).
7^ .
A result which suggests that 10c.c. M__ buffer solution
15
(pH = 6.8l) is sufficient to keep the reaction mixture 
at constant acidity during the reaction, and certainly 
is sufficient to prevent the pH rising into the region 
where iodine estimations are of doubtful validity.
Another series of experiments was performed in which 
the pH was buffered to various values. The acidic buffers 
consisted of sodium acetate and hydrochloric acid, the 
neutral buffers were made from disodium hydrogen phosphate 
and potassium dihydrogen phosphate, and the alkaline buffers 
contained mixtures of glycine - sodium chloride solutions 
with different amounts of sodium hydroxide. (For details 
see Vogel).
It can be seen from the results reported in table (1^) 
and Fig (7) that experiments carried out in the region 
between pH 7.5 to pH 2.8 have an approximately constant 
initial rate, while experiments in the alkaline region 
appear to have a low initial rate, and the rate falls pro­
gressively with the increase in the alkalinity.
Experiments carried out in the acidic media apparently 
show a remarkable, sudden increase in the rate of reaction, 
accompanied with a change in the colour of the solution 
to a yellowish green colour due to the decomposition of the 
thiosulphate. This was noticeable at any pH below 2.8.
The apparent decrease in the rate of the reaction in the
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alkaline region is really due to the fact that the iodine 
formed reacts with the excess hydroxide ions in the 
reaction mixture, so that iodide and hypoiodite ions are 
formed, the latter is unstable and it decomposes into iodite.
20H“ + = I" + 10“ + H^O
310" = 21“ + I0^“
The pH ( 7.7) at which the rate begins to fall was 
shown to correspond exactly with the pH above which iodine 
cannot be quantitatively titrated with thiosulphate. The 
apparent fall in rate is therefore connected with the 
method of analysis, it is not a real effect.
The apparent rise in rate at low pH was reported as 
acid catalysis by Von Kiss, but it appears to us that it is 
merely due to decomposition of thiosulphate.
In view of these= results, it was decided to carry out 
all the experimental work using buffered solutions in the 
range pH= 3-7.
Under these conditions the observed reaction is 
independent of acidity.
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Table (1^)
3--
[fbCCN) "J = 0.0625 M , [l"j = 0.1012 M , yu = 0.
r 2^
^2°2 J = 0.955 M , T = 25°C.
864
V. A. Time Natural pH
B. Time 
Containing 10 c.c. 
buffer of pH 6.81
pH
0.0667 6 15 6.50 6 30 6.68
0.1333 14 03 6.55 Ih 10 6.68
0.1998 21 52 6.60 22 05 —
0.2664 30 00 6.63 30 25 6.68
0.333 38 25 39 07
0.400 47 07 6.65 W 20 6.68
0.467 56 16 - -
0.567 70 36 6.65 -
0.667 85 24 - -
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Table (18A)
[”Fe(CN)^3-] = 0.025 M , f I"] = 0.1012 M , ^  = 0.864 , 
= 0.960 M , . T = 25°C
10 c.c. buffer pH = 6.81 added
A
V. TIME pH
0.01 22. 30 6 .45
0.015 36 15 —
o'. 02 50 15 —
0.025 64 20 6 .45
0.03 80 00 6 .45  •
0.035 95 30 6 .45
0.04 111 45 6 .45
0.045 128 00
fFe(C N )^3- ] = 0.005 M ,
0.960 M , T = 25°C
10 c.c. buffer pH = 6.81 added
B
= 0.1012 M , = 0.86^-
V. TIME pH
0.02 24 00
0 .03 36 45 6.50
0.04 51 00 6.50
0 .05 65 30 6.50
0 .06 80 45 6.47
0 .07 96 00 -
0 .08 112 15 6.49
0.09 128 20 -
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c. rFe(cti)y~ 1 = 0.02 M, fl-] = 0.
f W - ]  := 0.959 M, T = 25°C
10 c.c. of buffer pH = 6.81 added
V. Time pH
0.0666 14 50 6.50
0.1332 36 50 —
0.180 51 40 —
0.246 75 00 —
0.313 101 00 6.50
0.380 130 05 6.50
0.480 177 20 6.50
D. rFe(CN)^^"] = 0.03 M, f IJ = 0.,
42°3"‘] == 0.962 M, T = 25°C
10 c.c. of buffer pH ■= 6.81 added
V. Time pH
0.0666 10 40 _
0.1332 23 25 6.60
0.200 37 20 -
0.266 52 15 -
0.333 67 30 —
0.400 84 55 6.60
0.467 112 30 6.61
0.567 142 30 6.61
0.667 175 15 6.61
0.767 249 35 6.61
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E. ^Fe(CN)^3-'| = 0.125 M, f l"] = 0.1012 M, ^  = 0.864, 
I " ] = 0.969 M, T = 25°C
10 c.c. of buffer pH = 6.81 added.
V. Time pH
0.2 9 45 6.56
0.4 24 15 6. 6l
0.6 39 45 —
0.8 57 10 6.59
1.0 76 20 6.59
1.2 97 50 6.58
1.4 121 45 6.58
1.6 147 45 6.56
Table (l4)
Variation of Reaction rate with the pH of the solution
['Fe(CN)^3-'^ = 0.0625 M, [ = 0.1012 M, /* = 0.864,
= 0.955 M, I = 25°C 
A B
pH = 2.22 pH = 2.85
V. Time V. Time
0.0666 5 45 0.0666 8 15
0.1332 12 2 0.1332 16 35
0.1998 18 8 0.1998 24 45
0.2664 23 40 0.2664 33 00
0.333 29 55 0.333 41 30
0.400 36 25 0.400 50 20
I.E. = 11.03 X 1D~^ c.c. I.R. = 8.04 X 10”^ c.
of thio/min of thio/min
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pH = 3.14
D
pH = 1.6
V. TIKE
0.0666 7 15
0.1334 16 15
0.2000 25 5
0.2666 33 45
0.3332 42 25
0.400 51 20
0.500 64 58
I.R. 7.6 X 10 c.c. of
thio/min
E
pH = 4.0
V. TIME
0.0666 6 50
0.1332 15 50
0.1998 24 30
0.2664 33 20
0.333 42 30
0.400 51 50
I.R. = 7.4 X 10"3 
of thio/min
c.c
V. TIME
0.0666 7 30
0.1331 16 10
0.1998 24 45
0.2664 33 22
0.333 42 20
0.400 51 40
R. = 7.6 X 10-3
of thio/min 
F_
pH = 4.39
c.c.
V. TIME
0.666 6 40
0.1332 14 20
0.1998 22 30
0.2664 30 58
0.333 40 10
0.400 50 46
0.500 64 21
I,R. = 7.5 X 10~3
thio/min
of
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pH = 5.20
G
pH = 5.55
H
V. Time
0.0666 6 47
0.1332 14 00
0.1998 21 20
0.2664 28 54
0.333 36 58
0.400 45 30
0.500 58 35
I.R. = 8.2 X 10”3 c.c,
of thio/min
pH = 6.58
V. Time
0.0666 6 15
0.1332 14 3
0.1998 21 32
0.2664 30 00
0.333 38 25
0.3996 47 7
0 «4666 56 16
I.R. = 7*8 X 10-3 c . c ,
of thio/min
K
pH - 7.73
V. Time
0.0666
0.1332
0.1998
0.2664
0.333
0.400
I.R. = 7.9 X 10 
of thio/min
7
15
23
31
-3
15
15
15
25
45
c.c,
V. Time
0.0666 7 5
0.1332 14 30
0.1998 22 10
0.2664 30 20
0.3332 38 59
0.400 47 30
0.500 61 35
I.R. = 8.08 X 10”3 c.c.
of thio/min
J
pH = 7.4
V. Time
0.0666 5 50
0.1332 13 57
0.1998 20 20
0.2664 28 00
0.333 36 3
0.400 44 30
0.500 57 50
I.R. = 8.2 X 10"3 c.c.
of thio/min
L
pH = 8.14
V. Time
0.0666 7 40
0.1332 17 50
0.1998 26 10
0.2664 35 45
0.333 45 30
0.400 55 40
I.R. = 6.8 X 10~3 c.c.
of thio/min
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M N
pH = 8.67 pH = 9.28
V. Time V. Time
0.0666 8 45 0.0666 8 30
0.1332 18 45 0.1332 18 30
0.1998 28 4o 0.1998 29 35
0.2664 38 35 0.2664 40 45
0.333 48 30 0.333 51 55
0.400 58 30 0.400 63 15
I.R. = 6.7 X 10“^ c.c. I.R. = 5«9 X 10~^ c.c.
of thio/min of thio/min
0
pH = 9.69
V. Time
0.0666 9 20
0.1332 20 4o
0.1998 32 30
0.2664 44 45
0.333 57 15
0.400 69 55
I.R. = 5*4. X 10” ^ c.c 
of thio/min
N,
7. The effect of neutral salts
It was considered necessary to study this before 
definite evidence could be found concerning reaction 
order.
The presence of neutral salts influences the rate of 
ionic reactions in solution. Bronsted’s theory distinguishes 
between two definite effects which added salts exert, namely 
the primary salt effect and the secondary salt effect.
The mere presence of a neutral salts alters the activity 
coefficient of the reactants. According to the Debye - 
Huckel theory the activity coefficient of an ion of valency 
Z in a medium of uniform dielectric constant and at constant 
temperature is an exponential function of the square root 
of the ionic strenth, and is given by the limiting
expression -Log f = yt where oC is a constant.
According to this the absolute value of the activity
coefficient is independent of any specific property of the 
ion and determined by the magiaitude of the charge Z.
In a reaction of the form A^ + ^  ^ products,
where a, b and (a+b) are the charges of reactants and the
intermediate complex, the velocity of the reaction at
constant temperature is a function of the ratio ?B) of
px
the activity coefficients (denoted by F), the Bronsted 
kinetic activity factor.
For an observed bimolecular rate constant we have
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kobs = = V
where is the ideal bimolecular rate constant, that 
applying the situation when all activities are unity.
Deviation from this behaviour may arise due to the 
inapplicability of the Debye-Huckel theory e.g. when the 
ionic strength is high, or when specific ionic effects 
come into play, for example when tendency to complex 
formation sets in.
When the simple Debye-Huckel equation is applicable, the 
rate constant of the reaction can be expressed by
Log = Log k^ + asCab
The value of OL for aqueous solutions at 2)^C is
0.51*^0.5 and therefore the plot of Log k^ ^^  ^ a g a i n s t / ^  
should give a slope equal to the product of the charges 
of the species involved in the rate determining step. 
Secondary effects of the added electrolyte may be seen in 
many ionic reactions, especially when the reacting species 
are complexes or ion pairs involving a setting up of pre­
equilibria before the rate determining step. These 
equilibria may be dependent upon the ionic strength or may 
involve an ion added in the "inert neutral salt". Thus 
addition of different electrolytes may alter the rate of 
the reaction and this behaviour in certain cases appears 
to give an indication of a specific reactivity of the 
complexes formed or a special reactivity of certain ion
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pairs. Addition of electrolyte to the reaction between 
ferricyanide and iodide shows large effects, see table 915) 
and Fig (8) The slope of the Log against
is a positive quantity which we first take to indicate 
that the two reacting species involved in the reaction are 
of the same charge type. The value of the slope was 
found to be 0.87 (over the high range of yu- studied 
viZ 0.2 - 3.6), this value is reminiscent of the observations 
made by Miss Batstone in relation to the ferricyanide/ 
thiosulphate reaction. She found a corresponding value 
of 1. However deductions made later cast doubt upon the 
usefulness of plotting Log k /
Another result of possible mechanistic importance for 
indicating the possible reacting species is as follows.
The presence of different cations in the reaction
i
mixture, when all other experimental conditions are constant 
shows different effects on the rate of the reaction.
The order of increase in rate is Na"^  )" Li*^ ,
and the results of some of these experiments can be seen 
in tables (l6, 17) and Fig (9).
In the same way, solution mixtures containing different 
anions, while the rest of the experimental conditions were 
kept constant showed different rates of reaction (The anion 
effect is not so large as the cation effect). The order of 
effectiveness here is Br“^ Cl“^  F“^
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and some of the results are given in tables (18, 19) and 
Fig (10). The sulphate is only being compared on an 
ionic strength basis here, not on a molar concentration 
basis.
Table 19
Apparent variation of reaction rate with ionic strength.
= 0.0025 M, f I"] = 0.2 M,
{^8^0^^"] = 1.02 M
Ionic strength made up with NaClO)^
A B
(Hc) aidclecl NaCJLC)!,)
V. Time
T = 30 C
V. Time V. Time
r
= 0.215 A = 0.813 = 1.412
0.002 if 00 0.005 3 02 0.01 3 05
0.00Î+ 9 15 0.010 7 25 0.02 8 10
0.006 15 00 0.015 13 07 0.03 14 30
0.008 22 40 0.020 19 15 0.04 23 10
0.010 31 45 0.025 26 58 0.05 30 35
0.012 40 00^ 0.030 34 42 0.06 4o 05
0 . 01^ 48 30' 0.035 43 07 0.07 50 45
0.016 57 25 o.o4o 51 52 0.08 62 10
0.018 67 30 0.045 61 22 0.09 75 05
0.02 77 30 0.050 71 15 0.10 90 00
lO^k = 1.43 i o \  = 4.0 min"-1 lO^k = 6 ..67 min"-1
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D E
— 2 •,01
r
. Z.C{
V. Time V. Time
0.02 4 45 0.03 4 45o.o4 13 00 0.06 12 45o.o6 23 00 0.09 24 150.08 35 20 0.12 38 35
0.10 51 20 0.15 59 00
0.12 71 20 0.18 93 00
0.14 98 15
i o \ = 9.15 min“^ i o \ = 16.3 min”^
F G
A  = 3.08 = 2>‘81
V. Time V. Time
0.04 5 08 0.04 4 150.08 13 52 0.08 10 30
0.12 27 05 0.12 19 55
0.16 48 20 0.16 35 55
lO^k = 25 min"^ i o \ = 31.7 min”^
c4 ^  ^  ^  ^
W  \ CM \\ \co
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Table l6
Variating of rate with addition of various cations. 
^Pe(CN)g^ J = O.U25 M, ^I~j = 0.25 M, pH = 6.81, T = 25° C,
= 1.0 M.S„0,
a.[l±i =  0.6 M B. [Na"^ ,] = 0.6 M Ç.fK"]= 0.6 M = 0.6M
V . Time Time Time Time
U.Ü2 1 25 1 25 . 1 05 0 50
0.04 3 21 3 00 2 15 1 450.ü6 5 30 4 43 3 25 2 430.08 7 42 6 24 4 40 5 45
0.10 9 56 8 12 5 55 4 450.12 12 09 9 48 7 10 5 46
0.14 14 25 11 50 8 30 6 48
0.16 16 44 13 41 9 45 7 50
0.18 19 03 15 33 11 05 8 54
0.20 21 26 17 28 12 26 10 01
lO^k 1.77 min~^ 2.10 min~^ 3.00 min~^ 5.63 min“^ :
1
Table 17
fpe(Cïï)g^"] = 0.045 M, fl’] = 0.135 M, T = 25° 0,
pH = 6.81, = 1.
r
= 0.413
02 lïi.
A. [Na J = 0.t7 B. [K J  =  0 .2$ M
V. Time V. Time
0.01 6 50 0.02 7 20
0.02 13 55 0.04 15 50
0.03 21 10 0.06 23 30
0.04 28 12 0.08 32 5
0.05 35 15 0.10 39 50
0.06 42 22 0.12 48 30
0.07 49 30 0.14 57 15
0.08 56 35 0.16 65 40
0.09 63 43 0.18 74 7
0.10 70 55 0.20 82 45
I.E. = :-.44 X 10”  ^c.c. I.E. = :2.6 X 10“  ^G.
of thio/min of thio/min
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Table 17 (con)
C k"^   ^ = 01 '^ 5M )
fCs’^J = 0*135 M ) total cation concentration equal to 0.27 M
V. Time
0.01 2 25
0.02 b- ko
0.03 6 >+5
0 . 0 k 8 45
0.05 10 50
0.06 12 55
0.07 15 00
0.08 17 10
0.09 19 15
0.10 21 30
I.R. = k .76 X 10"3 C.C.
of thio/min
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Table 18
Variation of rate with addition of vatious anions
Fe(ON)^^ 1 = 0.025 M, fi-l» 0.1012 M, pH = 6.81,
r = 0.864, T = 25° 0, r^2°5 1.0 m.
r ] = 0 2 M [m-] = 0.6 M[p“1 = C). 6 IK f c i - ] = 0.6 M
V. A Time B Time C Time D Time
U.U2 8 15 6 50 6 08 5 10
0.04 18 15 14 u7 12 3^ 11 00"
Ü.U6 28 20 21 30 18 55 17 05.0.08 39 00 28 50 25 26 23 06
0.10 49 15 36 25 32 02 29 10
U.12 59 55 44 03 38 40 35 25
0.14 70 50 5x 47 45 24 41 58
0.16 81 50 59 42 52 15 48 40
0.18 93 15 67 48 59 20 55 35
0.20 104 50 76 00 66 20 62 34
10"^ k 3.52 min"l 4.85 min-1 5.48 min 5.88 min-1.'
Table 18 
(Cont.)
V.
[EgPO^"! = 0.6 M 
B Time
[Br J = 0.6
P Time
0.02 3 45 3 33
0.04 8 17 7 30
0.06 12 47 11 30
0.08 17 20 15 45
0.10 21 56 20 05
0.12 26 34 24 30
0.14 31 23 29 08
0.16 36 14 33 40
0.18 41 00 38 25
0.2() 46 05 43 17
10 7.82 min"^ 8.45 min
M
-1
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SECTION 4
Investi,g;ations of the order of the reaction
1. Preliminary treatments
The determination of reaction order can be difficult 
and often trial and error procedure is used, based upon 
intelligent guesses.
The relationship between concentration and time for 
an assumed expression can be tested with the experimental 
data either graphically or by a numerical method from the 
repeatability of the rate constant.
The reaction between ferricyanide ions and iodide ions 
can be represented by the stoichiometric equation
21“ + 2Fe(CN)(-^ ~ i A + 2Fe(CN)g^“ ........  1.
The technique which was adopted in following the course 
of the reaction reproduces iodide from iodine 
Ig +  ^2r +   2.
The concentration of thiosulphate used up during the reac­
tion is equivalent to the concentration of ferricyanide ion 
which has reacted.
The initial rate of any reaction is a function of the 
initial concentration of the reactants only. Thus
I.E. (initial rate) = k [ 1 J ^ iPe(ON)^ J ......  5.
where m and n are the orders with respect to each reactant, 
and k is the specific reaction rate.
Equation 3. could be reduced to have another form for
96.
use throughout the reaction due to the constancy of iodide 
ion concentration during the reaction.
Rate = [Pe(ON)^^"]^  ........  4.
where k^ = kj^ I”]]
The integrated form of the rate expressions for first 
order and second order reactions are
k i  = 2.303  l o g  [ F e ( O N ) ^ - ]  ^   5 .
fFe(CN)5:-]^
= 1 ■ .....
4- I TTl/-» f m V T  \  ^ # I TTI^ ( m v T  \t [Fe(CT)g^"‘]^ rFe(CN)g^"q
0
The plot of Log Pe(CN)^^  ^ versus t for equation 5.
1
should give a straight line; and the plot of -------- —
fFeCCîDg^]^
versus t for equation 6. should give a straight line; if
the reaction is of the first or second order respectively.
From table (20) and Figs. (11, 12, 13, 14, 15, 16) it
can be seen that for small percentages of reaction, both
first and second order plots are nearly linear, whilst when
the reaction is followed over longer periods, either by
jS ctitration or spectrophotometrically (tablefZ^  'and Figs
)^  neither plot is satisfactory, so that this 
simple approach fails to indicate an integral order of 
reaction despite the constancy of conditions .
One is forced back therefore to a consideration of 
initial rates. It might be mentioned at this point that.
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although theoretically the ionic strength varies throughout 
an experiment, in practice this is a very small effect.
The order of reaction with respect to ferricyanide ion 
was calculated from the results of the experiments reported 
in tables (13A), in which [*Fe(CN)^ "^"] was varied while
was kept constant.
Thus using I.E. = k^ [*F e ( O N ) o f  equation 4.
Log I.E. = log k]_ + n log fFe(ON)^^”J^ ........  7.
The plot of Log I.E. versus Log [ Fe(0N)^ '^’3^ as can be
seen from Fig (17) gives a slope of l.Oj,
The order of reaction with respect to iodide ought 
similarly to be calculable from the results of the experiments
in which I"  ^was varied while [^Fe(CN)^ ~^  ^ was kept
constant. According to equation 3* we can now write
I.E. =   8.
3-
where k^ = E^Fe(CN)^ ^ ^
and Log I.E. = Log k^ + ni Log[l ........  9.
The value of m could be obtained from the plot of Log I.E. 
versus Log
U  •
Tables (21, 22) and Fig. (18, 19) represent some of the 
results obtained from two series of measurements, the 
order of reaction with respect to iodide ions in each series 
was found to be 1.66.
Later considerations make us doubt particularly this
order with respect to iodide.
y8.
Table 20
Pe(OMJ g^ "l = 0.025 M, r 1 ] = 0.35 M, pH = 6.b.yM = 0.&64,
T = 25° C, ] = 1.0 m.
A. up to 4^  reaction B. up to 30% reaction
V. iime V. Time
04.82 0 )U 0.1 3 20
0.04 1 20 0.2 7 30
Ü • u6 2 08 0.3 12 00
0.88 2 4^ 0.4 16 55
O.lu 3 40 0.5 22 14
0.12 4 28 0.6 28 00
0.14 3 16 0.7 34 14
0.16 6 07 0.8 41 05
0.18 6 57 0.9 48 35
0.20 7 47 1.0 56 58
1.1 66 15
1.2 76 39
1.3 88 34
1.4 102 04
Pe(CN)g^"\ = 0.001 M
ri~]= 0.15 M /^ = 0.864 T = 25° C.
Ç. up to 60^ reaction.
Time E at 420 m
3 0.955
32 0.870
61 0.790
92 0.732
168 0.509
259 0.481
373 0.378
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Table 21
Variation of reaction rate with, concentration of 
iodide ion
Pe(CN)g^" = 0.025 M pH = 6.81, ®2°3^ = 1.0 M
T = 25° C, A  = 0.864
V. A. B. C.
1“ = 0.05 M 1“ = c(.1 M I" = 0.20 M
Time Time Time
0.02 17 15 6 35 1 55
0.04 27 20 13 15 4 00
0.06 37 00 19 20 6 5
0.08 46 55 26 30 8 10
0.10 56 15 33 50 10 17
0.12 66 30 41 15 12 22
0.14 76 45 48 50 14 27
0.16 87 5 56 39 16 52
0.18 98 30 64 35 19 11
0.20 72 40 21 33
£• I" = 0.25 M B. 1“ = 0.30 M
V. Time Time
0.02 1 10 00 54
0.04 2 30 1 55
0.06 3 52 2 56
0.08 5 15 4 00
0.10 6 40 5 5
0.12 8 6 6 12
0.14 9 33 7 17
0.16 11 00 8 24
0.18
0.20
12
14 r l8
Lb
I:
Table 22
108
Fe(CN)6^ " 05 M, pH = 6.81, ^2Oj^“ = 1.0 m
T = 25° c, A  = 0.864
A. B. Ç •
= 0.05 M 1 “ = 0.1 M I = 0. 15 M
V. Time Time Time
0.02 11 55 3 50 2 00
0.04 24 15 8 25 4 10
0.06 55 45 13 3 6 50
0.08 47 20 17 35 8 50
0.10 58 50 22 10 11 7
0.12 70 20 26 45 15 55
0.14 82 00 31 20 15 52
0.16 95 45 36 5 18 20
0.18 105 50 40 55 20 47
0.20 117 55 45 45 25 10
V. D. I’ = 0.2 M E.. I" = 0.25 M
Time ime
0.02 1 15 00 45
0.04 2 50 1 55
0.06 5 50 2 26
0.08 5 15 5 21
0.10 6 55 4 16
0.12 8 00 5 10
0.14 9 24 6 5
0.16 10 45 7 00
0.18 12 10 7 55
0.20 15 40 8 51
o o
0
o
in
w
K
in
1«N
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2. Further treatment.
In the previous experiments which were carried out 
under constant conditions of concentrations of reactants, 
acidity, ionic strength and temperature, we found that 
the presence of various salts (K6l, KBr, kNO^, KF, KH^PO^
NH^Cl, LiCl, haCl and produced different rates of
reaction. Therefore probably all these salts are different 
from the reactants themselves in their effect upon the 
rate.
Thus when an attempt is made to vary the concentration 
of one reactant but to keep the ionic strength constant by 
making up with K61, the ratio KI/kCI is also being altered 
and therefore the catalytic or retarding effect of Kfil 
is being varied. This was thought to be a possible reason 
why the order of reaction with respect to iodide ion does 
not seem to be an integer. Thus if chloride is effecuively 
a catalyst, and it is used to maintain ionic strength constant 
then at low iodide ion concentration there will be more 
chloride catalysis and vice versa, hence the determined 
order will be lower than the true one.
It is possible to get at the kinetic form in the 
relative absence of anion effects by making up reaction 
mixtures at constant ionic strength (phosphate buffer in 
this case should cause very little trouble) but with
111.
no added neutral salt, by varying both reactant con­
centrations at once. However, it can be seen from the 
results of some experiments reported in table (25), that 
the rate constants calculated according to equation 5., 
(assuming that the order of reaction with respect to 
ferricyanide is one and for iodide is two), fall progressively 
with decrease in the concentration of the cation present in 
the reaction mixture. We thus infer that the cation has 
considerable influence on the rate - probably a specific 
effect.
It was decided to carry out experiments at different 
ionic strengths to test for this. Results shown in 
table (24) and Pig (20) clearly indicate that the rate 
of reaction is a function of the potassium ion concentration 
and the plot of rate constant (taken from all the experiments 
at various ionic strengths) versus the potassium ion con­
centration gives a straight line which probably passes 
through the origin, an indication that the reaction does not 
occur at zero potassium ion concentration.
This result reveals the importance of potassium ions 
(or the cation in general) in this reaction, and one can 
infer either a bridge mechanism involving interpolation 
of potassium ions (or other cations) between iodide and 
ferricyanide ions, or a reactant species containing potas­
sium (or both). The graph also shows that (in this range
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of ionic strength) the reaction rate does not seem to be 
influenced by ionic strength. The effect previously 
thought to be due to ionic strength appears to be entirely 
due to the concentration of cation.
Table 25
Summary of rate constants observed in presence of sodium 
and potassium ions.
T = 25° 0,
Fe(CN)g^“]
pH = 6.8,
[ r ]
^  - 0.41
[ha^l
/
« ' i n  -1
0.025 0.25 0.528 0. 5.74
0.025 0.25 0 0.550 1.82
0.025 0.25 0.078 0.255 2.55
0.035 0.19 0.298 0 5.55
0.035 0.19 0 0.500 1.75
0.035 0.19 0.108 0.195 2.75
0.045 0,155 0.275 0 5.17
0.045 0.155 0 0.275 1.72
0.045 0.155 0.158 0.140 2.47
0.055 0.07 0.258 0 5.09
0.055 0.07 0 0.240 1.60
0.055 0.07 0.168 0.075 2.90
0.06 0.04 0.225 0 2.82
0.06 0.04 0 0.225 1.54
0.06 0.04 0.185 0.045 2.90
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Table 24
The apparent effect of ionic strength on reaction rate
T = 25°
r
0, pH = 6.
f"pe(CN)g5“]
8
[ k »1 k (Fr^min’ )^
0.263 0.005 0.22 0.258 2.90
0.263 0.010 0.19 0.225 2.59
0.263 0.015 0.16 0.208 2.50
0.263 0.020 0.15 0.193 2.24
0.263 0.025 0.10 0.178 2.15
0.313 0.005 0.27 0.288 3.64
0.313 0.010 0.24 0.273 3.24
0.313 0.015 0.21 0.258 5.01
0.313 0.020 0.18 0.245 2.94
0.313 0.025 0.15 0.228 2.68
0.313 0.050 0.12 0.215 2.53
0.513 0.025 0.55 0.428 4.92
0.513 0.055 0.29 0.598 4.75
0.513 0.050 0.20 0.353 4.25
u. 513 0.Ü6Ü 0.14 0.325 5.86
0.513 0.U75 0.05 0.278 3.65
0.613 Ü.Ü25 0.45 0.528 6.75
0.613 0.035 0.59 0.498 5.32
0.613 0.050 0.50 0.455 4.61
u. 613 0.0/5 0.15 0.578 5.61
0.615 0.085 0.09 0.548 3.40
u.
A  o
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3# Effects of the cation on reaction rate.
The results obtained in the last section presented the 
opportunity to enquire about the nature of this effect, 
e.g. whether the presence of a cation affects the energy 
of activation by reducing the coulombic repulsive forces 
exerted between the two negatively charged reactant ions.
In the experiments reported in table (23) the ionic 
strength was kept constant, and as necessary consequence, 
variations in the cation concentration accompanied these 
runs, because the reactants are of different charge types.
On applying the Arrhenius equation to the results obtained 
in table (25) where reactions were carried out at different 
temperatures, it was found that the energy of activation 
does not alter significantly from the value obtained in 
section 3*
However, the rate constant at all temperatures generally 
is higher for reactions with higher cation concentration, 
see Figs. 21 and 22. This suggests that, there may be 
an equilibrium set up between the cations and ferricyanide 
ions which could be represented by the following equations
Fe(CN)^3- + %;+ — KPe(CN)^^" ........  1.
Fe(CN)^3" + 2K"*" 5 = ^  K^FeCCN)^" .........  2.
And consequently this equilibrium will alter the ionic 
strength of the reaction mixtures in each run, and possibly 
the effective concentration of the "ferricyanide" reactant 
is changed. This latter conclusion would follow if the
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species Fe(CN)^ , KFe(CN)^ etc. react at
different rates.
James and Monk (Ref. 8) have reported a thermodynamic
dissociation constant of 0.06 at 25^C for the species 
P—KFe(CN)^ ” from conductance measurements.
o
6
o
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Table 25
The effect of temperature on reaction rate at different 
cation concentrations.
r = 0.415, pH = 6.8, r = 1.0 M.
(^Pe(CH)g^ ~\ = 0.025 M, [l ] = 0.25 M.
A. [ k-^ 
T
V.
■ J =  0.328 M
= 5° 0 
Time
Units of K = M~
T = 15° C 
V. Time
^min“^
T =
7. Time
0.01 4 20 0.02 5 50 0:04
c-
4 17
0.02 9 25 0.04 12 00 0.08 8 50
0.03 14 40 0.06 18 40 0.12 15 55
0i04 19 55 0.08 25 20 0.16 18 55
0.05 25 10 0.10 52 05 0.20 25 50
0.06 50 25 0.12 58 55 0.24 29 20
0.07 55 40 0.14 45 50 0.28 55 00
0.08 41 00 0.16 52 55 0.52 41 00
0.09 46 10 0.18 60 05 0.56 47 20
0.10 51 25 0.20 67 15 0.40 55 55
k 1.59 2.19 6.02
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Table 25
(Cont•)
[”pe(CN)g^ 3 = 0-035 M, [ I~] = 0.19 M, 0.298 M
B.
T == 5" C T = 15  ^0 T = 35  ^0
V. Time V. Time V. Time
0.01 6 20 0.02 7 15 0.U4 6 05
0.02 13 52 0.04 15 30 0.08 12 10
0.03 21 30 0.06 23 45 0.12 18 2d.
0.04 29 00 0.08 32 00 0.16 24 50
0.05 36 40 0.10 40 10 0.20 31 30.
0.06 44 15 0.12 48 20 0.24 38 50
0.07 51 50 0.14 56 43 0.28 45 40
0.08 59 5^ 0.16 65 00 0.32 53 10
0.18 73 20 0.36 60 50
k 1.17 2.07 5.34
rBe(CN)g^ ] = 0.045 M, [l"] = 0.135 M, f K^] = 0.273 M. 
C.
T =: 5° G T1= 15° C T = 35° C
V. Time V. Time V. Time
0.005 4 50 0.01 5 45 0.03 6 50 ,
0.010 10 10 0.02 12 02 0.06 13 50 ^
0.015 15 40 0.03 18 20 0.09 20 45
0.020 21 20 0.04 24 25 0.12 28 00
0.025 26 55 0.05 30 25 0.15 35 30
0.030 32 20 0.06 36 20 0.18 43 10
0.035 37 30 0.07 42 25 0.21 51 10
0.040 42 40 0.08 48 30 0.24 59 15
0.045 47 45 0.09 54 30 0.27 67 40
0.050 52 50 0.10 60 30 0.30 76 20
à i.22 2.03 5.39
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Table 25
(Cont.)
D.
Pe(CN)^ - 0.055 M, f I-l = 0.07 M, [~K + 1 = 0.238 M
T = 5° c T = 15° C T = 35° C
V. Time V. Time V. Time
0.002 6 45 0:005 10 00 0.01 7 45
0.004 12 35 0.010 19 45 0:02 15 00
0.006 18 35 0.015 30 00 0.03 22 00
0.008 24 35 0.020 39 45 0.04 29 05
0.010 30 30 0.025 49 35 0.05 36 15
0.012 36 25 0.030 59 30 0.06 43 30
0.014 42 20 0.035 69 15 0.07 50 45
0.016 48 15 0.08 58 00
0.018 54 10
k 1.16 1.18 4.135
Table 25
(Cont.)
E.
120.
[ Pe(ON)g^"^ = 0.06 M, I ^  = 0.04 M, [ K"^^= 0.223 M.
T = 5° C T = 15° C T = 35° C
V. Time V. Time 7. Time
0.001 11 00 0.002 12 45 0.002 5 45
0.002 20 30 0.004 23 15 0.004 10 00
0.003 28 15 0.006 34 40 0.006 14 10
0.004 35 15 0.008 45 30 0.008 18 05
0.005 42 15 0.010 55 00 0.010 22 15
0.006 50 00 0.012 65 00 0.012 26 30
0.014 30 45
0.016 35 05
0.018 39 20
0.020 43 40
k 0.85 1.72 3.83
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(4) Reaction Mechanism
We are dealing with a reaction which is normally 
between like-charged ions, one of which is highly 
charged.
If a bridged mechanism via a Pe(OR)^^" .... K 
entity is possible, it would be overwhelming compared 
to non bridged mechanism. Further since there is no 
obvious advantage to be gained by double bridging
I I
(and, for example K .... Fe(CR)^ .... K would be 
present in very low concentration) then one would 
anticipate the main rate expression to be of one-term 
form, i.e. involving one ferricyanide ion-pair species as 
a reagent.
We thus arrive at a possible interpretation of the 
kinetic facts as follows :-
The initial rate is at least roughly proportional 
to [Fe(CN)^^"], to [l”]^  and to [K*^ ], but it is noticeable 
that these kinetics are poorly obeyed at low values of 
[l"]. A mechanism consistent with this would be:-
Pe(ON)g^“ + K* K'^ ...Pe(CN)g^ " (l)
I" + K‘^...Pe(CN)g^“ I"...K'*'...Fe(OT)g^ " (2) Eg
I" + I"...E"^ . ..Fe(CN),^" + E"^ . . .Pe(ON)g^” (3)
determining
If + Fe(CE)g^" Fast  ^ + Pe(OE)g^ (4)
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Now
rate = k^[l“] [l““.. .K*^ .. .Fe(GN)^“] 
and since = K2[l"] [K"^ . . .Fe(CH)^“]
and [K'^ ...Fe(GN)|"] = E^^[E+][Fe(ON)^"]
Rate = E^ Eg [E+] [Fe(CN)|"] [rf (5)
It might be important that the concentrations in this 
expression are the equilibrium concentrations, not the gross 
amounts present, e.g. in estimating the value of [Fe(ON)^^"] 
or [K"^ ] to use, one should, and may need to exclude that 
present as the associated species.
If the equilibrium concentrations of the species 
Fe(CN)g^“, and I* are represented by the symbols [A]^ , 
[B]g and [C]^  respectively, then the last equation could be 
written:-
Rate = kj E^ Eg [A]g[B]g[0]g^ (6)
where [A]g = [A] - [AB]^ - [ABO]^
[B]g = [B] - [AB]g - [ABO]g
[G]g = [C] - [ABC]g
And the [A], [b ] and [C] are the actual concentrations of 
A, B and 0 put into the initial reaction mixture.
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Although Davies and Monk’s work yields a thermodynamic
value for the value applicable in our solutions is
not easy to assess. Let us assume that mixtures made up
of the same nominal ionic strength (discounting ion
association) all have the same values of E^ and E^ .
Rough calculations indicate that E^ and E^ are of the
order of unity. To solve equation (6) in terms of actual
concentrations of reactants put in one needs to make
simplifications.
As a correction term [ABC]^ must be smaller than [AB]^ .
We will neglect it entirely. Further since B^ A, the
correction [AB]^ is relatively more important in the casee
of A. Let us neglect it for B.
Thus as a first approximation we would obtain 
[A]g = [A] - K^[A]g[B]
[B]g = [B], [0]g = [C]
whence
[A]g =  [A1
. ® 1 + k^TbT
Thus equation (6) becomes 
Initial Rate =
1 + K3_[B]
or Initial Rate ^ ^ 3 ^ 2  ^ ^ (3)
[A][B][0]2 1 + K^[B] 1 + K^[B]
I
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Although this correction in the denominator causes 
the calculated initial rate to change in the observed 
direction as the proportions of the two reactants 
K^Fe(CN)^ and KI are changed, the form of the variation 
is wrong as it is shown from tables (26, 27) and Fig. (23). 
Thus although this correction may be necessary it is not 
the main one. We therefore suggest that there is a 
competing direct reaction between A and C, the rate of 
which is normally slow compared with the main reaction.
Suppose the (unlikely) initial step of this reaction 
involving Fe(ON)^^" and I” is rate determining, then the 
rate expression represented by equation (7) will have an 
additional term due to this direct reaction.
1 + K^[B]
We have seen that the denominator represents a small 
correction; let us neglect it.
cr-
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Thus we obtain the following equation
Rate = k[A][B][G]^ + k^[A][C] (10)
This equation does fit the data and gives constant values 
of k and using the values of A, B and C together with 
the corresponding initial rates from each experiment of 
table (26).
Another important result obtained from these experiments 
is the fact that k^ value is much smaller than k, this is 
in harmony with the expected value of the rate constant of 
the reaction when a non bridged mechanism is involved.
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Table 26 
2
Experiment at approximate ionic strength 0.4
Rate = k[A][B][C]'^  + k^[A][C]
V. [Pe(CN)g^ ] [I"] [R+] I'R Calculated
A C B ABC'
2
(A) 0.005 0.361 0.379 2.32 0.94
(B) 0.010 0.337 0.370 4.00 0.95 3.94
(C) 0.015 0.313 0.361 5.05 0.95 4.99
(D) 0.020 0.277 0.350 5.12 0.98 5.07
(B) 0.025 0.260 0.338 5.14 0.90 5.40
(?) 0.030 0.228 0.321 4.67 0.93 4.77
(G) 0.040 0.168 0.291 3.12 0.95 3.18
(H) 0.050 ' 0.118 0.271 1.88 1.00 1.88
(I) 0.060 0.060 0.243 0.584 1.11
(J) 0.0675 0.0322 0.238 0.212 1.27 0.207
A^ll concentrations, rates and rate constants are in molar, 
minute units.
Rows (a ) and (l) were used to solve for the two 
constants k = 9.18 and k^ = 0.025. Using these the 
initial rates of the other rows were calculated as shown 
in the table.
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The rate expression of this reaction having been 
established, the next stage in checking its applicability 
is to explain the experimental observations found in the 
previous experiments which were done in the absence of other 
anions.
These observations are:-
A - Different rates were obtained when different 
cations were present in the reaction mixture.
B - An increase in the rate was found when the 
ionic strength of the solution was increased.
0 - Different rate values were obtained at 
different temperatures.
On applying equation (10) to the results of table 
(|7 ), k^^+ value was found to be lower than the
i!
corresponding k^+ which was obtained from the previous 
calculations. This result is in fact in harmony with 
the actual rates found from the experiments. On the 
other hand, k^ value was found to be 0.024, a value 
which is very close to that (0.025) obtained in the 
experiments with potassium ions. This later result is in 
agreement with the expected value from the general 
mechanism of the reaction and thus supporting it.
129.
According to equation (10), calculated initial rates 
for the experiments containing both potassium and sodium 
ions, should equal the observed values, if an additional 
term accounting for sodium ions is added. Thus we can 
rewrite equation (10) in the following form:
I.R = kg+[Pe(OR)g^-][l-]^[E+] + kjj^+[Fe(0N)g][l“]2[Na‘^] +
This treatment was found to be true, and the calculated 
values of the initial rate were found almost equal to the 
observed ones. Some of these results can be seen in table 
(28).
Regarding the case of Caesium ions, values of k = 9.2 
and k^ = 0.025 for the potassium ions were inserted in 
equation (10), to which another term was added to account 
for Caesium ions.
kQg+[Pe(0E)g^-][l-]^[08+].
The value was found from these experiments to be
52.4 which is also in harmony with the last reaction 
observed in the presence of these ions. The following 
table represents a summary of the rate constants of these 
experiments (all at 25 C^. and yU = 0.4).
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Table 29
M'*' V %4
Na'*’ 5.4 0.024
9.2 0.025
08+ 52.4 -
131.
The true effect of ionic strength is small. Thus 
on applying equation (10) to the results reported in 
table ( ), where reaction mixtures are free from
non-reacting anions, it is found that very slight 
increase in rate constant is associated with increase 
in the ionic strength. Also one finds that the 
values are relatively increasing in the direction of 
increase in the ionic strength although the accuracy 
of is not high.
A summary of these results can be seen from the table 
below.
Table 30
0.2 9.4 0.020
0.263 11.6 0.011
0.32 8.7 0.031
0.413 0.0259.2
0.0440.513 10.1
0.613 11.0 indeterminate
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Concerning the variation of rate of reaction with 
temperature. From the apparent mechanism one is dealing 
with a variation of with temperature, where and
are association constants. Now is known from 
James and Monk’s work [ref.8] to decrease with temperature 
(it was reported to be 16.6 at 25^ 0., and 20 at 18^0.).
as an association constant might similarly be expected 
to fall with rise in temperature.
Thus, the overall experimental activation energy
of the ferricyanid^iodide reaction is compounded of two
I
negative quantities from the pre-equilibria together with 
a normal positive term from the activation energy of the 
rate determining step.
According to the work of the above authors, has 
a temperature coefficient corresponding to approximately 
4 K.cal/mole, ^2 is unknown from other work.
From the results of the experiments carried out at 
different temperatures, which are reported in table ( ]2 ), 
an increase in the rate constant was found to be associated 
with the increase in temperature. The calculated value of 
the activation energy using Arrhenioas equation was found 
to be 9.6 k.cal/mole. (see Fig.24).
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A summary of these results, the potassium ion assisted 
reaction, is as follows
Table 31
T°0. k
35 18.2 0.05
25 9.2 0.025
15 5.7 0.05
5 3.4 0.026
As noted previously it is not possible to be very 
positive about the value of k^ . It clearly does not 
really oscillate as shown above.
en
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It is evident from the previous discussion on 
reaction mechanism that rate constants all refer to the 
initial periods of the reaction. It would be expected 
therefore that the observed rate constant using the present 
technique would fall as reaction proceeds, because the 
ferrocyanide produced is building up in concentration 
and is in competition with the very small amount of 
Thiosulphate present for the iodine which is produced.
Thus, the question at the moment is, do the initial 
kinetics apply throughout the course of the reaction?
To test this, the rate in one experiment (reported in 
table 52) was measured graphically at various times, and 
also calculated using the rate expression and the values 
k^+ = 9.6, = 0.04. (These particular constants fit the
initial kinetics of the reaction well). It would appear 
from this experiment that there is a small detectable 
lowering of the rate, below that calculated from the 
initial observations, by the time 10^ of reaction has been 
completed.
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Table 27
T = 25°C., 
[Pe(CN)g5~]
[I-]
ÎE+]
= 0.4 approx. pH = 6.8, [SgO^^”] = l.OM.
0.005M
0.361M
0.379M
V. Time
0.02 8 12
0.04 17 45
0.06 28 08
0.08 39 10
0.10 51 02
0.12 63 48
0.14 77 28
0.16 92 03
10^ I.R. = 2 . 320.0
[Pe(0N)g3-]
[I“]
ÎK+]
O.OIM
0.337M
0.37M
Time
4 55
10 08
15 35
21 10
26 55
32 55
39 20
45 50
[Pe(CN)g^"]
[I']
ÎE+]
0.015M
O.313M
0.361M
Time
4
8
12
16
21
25
30
35
00
13
28
50
18
53
33
23
4.00c.c./min. 5.05c.c./min.
Table 27 continued
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[Pe(CN)g^“] = 0.02M [Pe(Cîf)g5“] = 0.025M [Pe(OT)g5-] = O.O3M
[I“] = 0.277M [I-] = 0.26M [I-] = 0.228M
[K*'] = 0.35M [K-^ ] = 0.338M [E+] = 0.321 M
V. Time Time Time
0.02 5 55 3 30 4 14
0.04 8 05 7 22 8 41
0.06 12 10 11 14 13 09
0.08 16 23 15 10 17 38
0.10 20 43 19 10 22 08
0.12 25 08 23 12 26 50
0.14 29 .34 27 17 31 30
0.16 34 07 31 26 36 18
10^ I.R. 5.12c.c./mi]a. 5.14c.o./min. 4.67c. c./min.
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Table 27 continued
[Fe(CR)6^ -] = 
[I"] =
[K+] =
0.04M
0.168M
0.291M
[Fe(ON)6'-]
[I-]
[E+]
= 0.05M 
= 0.118M 
= 0.243M
V. Time V. Time
0.01 3 07 0.005 2 22
0.02 6 26 0.01 5 07
0.03 9 47 0.015 7 45
0.04 13 08 0.02 10 26
0.05 16 29 0.025 13 06
0.06 19 47 0.03 15 45
0.07 23 : 09 0.035 18 24
0.08 26 28 0.04 21 07
10^ I.R. 3.12c.c./min. 1.88c.c./min.
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Table 27 continued
[Pe(CN)g^"]
[I‘]
[K+]
0.06M
0.06M
0.243M
V. Time
0.002 3 10
0.004 6 35
0.006 10 00
0.008 13 30
0.010 16 50
0.012 20 22
0.014 23 ‘ 45
0.016 27 05
10^ I.R. 0.584c.c./min.
[Fe(CN)g5“] = 0.0675M
[I’] = 0.0322M
[E+] = 0.238M
V. Time
0.001 5 35
0.002 11 00
0.003 15 55
0.004 20 20
0.005 25 00
0.006 30 00
0.007 34 40
0.008 39 20
0.212C.C.,
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Table 28
T = 25°C. , /< = 0.413, pH = 6.8, ~^] = 1.02M.
[Pe(CN)g^-] = 0.025M, [Pe(CR) - »•045M,
[I■] = 0.25M [r] = 0.135M
[E+] = 0.075M, [Na'*'] =0.25M. [e:*^] = [Na'*'] = 0.135M.
V. Time V. Time
0.02 5 05 0.01 4 45
0.04 11 20 0.02 10 12
0.06 17 05 0.03 16 00
0.08 23 30 0.04 21 45
0.10 30 00 0.05 27 35
0.12 36 40 0.06 33 20
0.14 43 15 0.07 39 15
0.16 50 05 0.08 45 15
0.18 56 50 0.09 51 10
0.20 63 00 0.10 57 10
10^ I.R. = 3.45c.o./min 1.85c.c./min
10^ I.R. (calc.) = 3.360.0./min. 1.76c.c./min
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Table 32
3-1 -[Pe(Cir)g^ “] = 0.025M, [l“] = 0.25M, pH = 6.81, y.* = 0.413
[SgCyZ-] = l.OM, T = 25°0.
V. Time
0.02 3 35
0.04 7 35
0.06 11 40
0.08 15 45
0.10 19 53
0.12 24 01
0.14 28 13
0.16 32 20
0.18 36 35
0.20 41 00
I. = 5.17 X 10~^c. c.,
Introducing this value into the rate expression we obtain 
the value = 9.6 (assuming = 0.04)
The rate of reaction at the tenth addition, calculated 
using the above constants is 4.70 x 10“^c.c./min.
The actually observed value (obtained graphically) is 
4.57 X lO^^c.c./min.
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(5) The effect of the anion on reaction rate
It is not immediately clear why the rate of a reaction 
between two negatively charged species should, at constant 
ionic strength, be affected by the nature of other "inert" 
anions present in the solution.
A possible explanation is the following. From the 
apparent mechanism of the reaction which is being 
represented by equations 1,2,3 and 4 of the previous 
section, there might be an equilibrium set up of the sort 
Pe(CN)g^" + , = = ^  K'*' ... Pe(0N)g5-
K^...Fe(OT)g^“ + X(anion) -i X~ ...E+ ...Pe(CN)g^"
Now the species X~ ...K'*’ ...Pe(CN)g^~ will have different 
reactivity from the I~ .. .K'*’ ...Fe(ON)g^ species towards 
iodide ions.
X"...E'^...Pe(GN)g^“ + I" --EÊÊÎ  ^ IX + KFe(CN)g^“
determining
IX + 1“   ^ I2 + x“
The rate expression consistent with the above mechanism 
would be:-
The anion assisted rate = k^[X^][X”][l~][Fe(CN)g^ ] (ll) 
where represents the product of the equilibrium constants 
of the first two equations and the rate constant of anion 
assisted reaction.
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Now, the general form of the rate expression including the 
anion assisted rate could be written in the following 
manner:-
Rate = k[K+][Pe(CN)g5-][i-]2 + k^LPeCaN)^^-][l"]
+ k5ÎK+][X-][l-][Pe(CN)g5-] (12)
The relative effects of different anions on the 
reaction were recognised in the investigation made by 
Friedman and Anderson. The general effect of these anions 
could be easily studied for a number of experimental 
conditions. In the present investigation, reaction 
mixtures were made up at constant ionic strength, temperature, 
constant ferricyanide ion concentration and at constant 
concentration of the cation, but varying the concentration 
of the anion to balance a variation in the iodide ion 
concentration. The initial rates of these experiments 
calculated from equation (12) by using the values k = 9.2 and 
= 0.025 obtained from previous experiments at the same 
ionic strength and temperature, indicate that Bromide ions 
assist the reaction more than Chloride ions and Nitrate ions.
The order being Br~^ Ol”^ NO^ ".
In fact the value of the rate constant k^  for Nitrate ions 
calculated for different experiments, indicates that this 
ion has no appreciable affect on the rate. Some of the 
results can be seen from table (33> 34» 35).
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In view of the above treatment, it is possible now to 
evaluate more precisely the effects caused by different 
cations on the reaction when neutral salts are added.
Thus, using the results of the earlier experiments 
which are reported in table (/^ ), and by assuming that the 
anion rate constant and the direct rate constant in these 
experiments are unaltered compared with the rates at 
ionic strength = 0.413 (they are small terms).
Then the potassium rate constant will be 11.38 in these 
experiments. By using this figure in equation (12), we 
obtained values of the rate constant for lithium. Sodium and 
Ammonium ions.
l^i"^  = 2.5, = 5.8, = 15.5.
The fact that the kj^ +^ is also slightly higher than the 
figure at ^  = 0.413, suggests that the whole treatment 
is reasonable.
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Table 35
[Pe(CN)g^“] = 0.02M, [l ] = 0.05M, pH = 6.81, T = 
^  = 0.41, [SgCyZ-] = I.OM.
Assuming E = 9.2 and = 0.025
25°G
V. [01-] = 0.227M [Br-] = 0.227M [NO5-] = 0.22'
Time Time Time
0.002 10 55 7 55 11 15
0.004 20 20 15 15 21 40
0.006 29 55 22 35 32 10
0.008 59 30 29 47 42 20
0.010 49 00 37 10 52 30
0.012 58 30 44 30 62 40
5^ = 0.36 5^ = 1.16 ^5 = 0.16
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Table 34
[Fe(CN).5-] = 0.02M, [I“] = O.IOM, pH = 6 .81, T = 25°'
= 0.41, ■] = l.OM.
V. [01"] = 0.177M [Br-] . 0,.177M [NOj-] == 0.17'
Time Time Time
0.005 7 15 6 17 6 20
0.010 13 45 12 25 13 50
0.015 20 25 18 25 21 10
0.020 27 30 24 20 28 35
0.025 34 30 50 19 36 10
0.030 41 40 36 20 43 45
0.035 48 : 45 42 20 51 20
0.040 55 52 48 25 58 55
= 0.40 5^ = 1,.21 45 = —0.07
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Table 35
[Pe(CN)2”] = 0.02M, [l~] = 0.15M, pH = 6.81, T = 25°C.,
= 0.41, = 1.OM.
V. [01-] = 
Time
0.127M [Br-] = 
Time
0.127M [NOj ] =
Time
0.12'
0.005 3 22 2 58 2 42
0.010 6 41 5 55 6 7
0.015 9 55 8 52 9 42
0.020 13 15 11 50 13 13
0.025 16 30 14 50 16 48
0.030 19 46 17 50 20 22
0.035 23 = 00 20 52 23 56
0.040 26 20 23 55 27 34
5^ " 0.30 5^ = 1.43 5^ = ■-0.07
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P A R T  TWO
The reaction between ferricyanide 
and sulphite
149
The reaction between ferricyanide and sulphite 
Mperimental
1. Materials:
Analar potassium ferricyanide has been used in the investigations 
after recrystallising and drying it in a vacuum desiccator. Sodium 
sulphate was used directly as the (analar) reagent. The purity of 
the crystals was checked by titration against standard iodine solution. 
Allowance was made for impurity. The sodium salt of ethylene diamine 
tetraacetic acid (E.D.T.A.) was used as the analar reagent.
Other materials were prepared as necessary.
2, Experimental technique:
A spectrophotometric method of following the course of the reaction 
was found to be a simple accurate procedure. llo alternative method was 
found to be suitable for the study of the kinetics of this reaction. 
Absorption of visible radiation by ferricyanide ions was found in part 
one section (onf) to obey Beer’s law perfectly and shown to be un­
affected by the presence of Neutral salts or ferrocyanide ions. No 
absorption by sulphite ions occurs near 420 myu and no complex ion 
formation was detected spectophotometrically between ferrocyanide and 
sulphite ions. These latter might have influenced the reaction and/or 
the measurements.
The procedure adopted consisted of taking samples from
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the reaction mixture every few minutes and noting the optical density 
at 420m and the time for each sample. Separate samples were used 
firstly so that various concentrations could be studies and secondly 
to eliminate any possible photo chemical process,
A typical early run is shown below. ^ ^
i  Fe(GN)^” J  = 0.001 M. (SO^ ” ) = 0.01 M. T = 25°G
total volume of the reaction mixture - 100 c.c.
Time (min) O.D.
0 0.98
3 0.38
6 0.84
10 0.792
17 0.751
: 25 0.69
36 0.648
52 0.626
continued repitition of this experiment, however gave different results, 
showing the existence of complicating factors which had to be eliminated 
before proceeding mth the study of the liinetics.
The effect of light
Oxidations of sodium sulphite have been found topbe a ccelerated 
marked^by the absorption of U.V.
80g (Hgo) h 9  ----  ^SO3 HgO""
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A 0.2, Molar solution of sodium sulphite was reported to he completly 
oxidised by 0^ in the light in about three hours / / R e f , These |
photochemical oxidations are considered to follow a chaim mechanism, inhibited 
by alcohols and other organic Compounds and accelerated by Copper Salts 
/“Sef. 2. J.
The photochemical oxidation - reduction reactions of ferricyanide 
were discussed in part one, section H T uJ o 7 »
It was expected therefore that the oxidation of sulphite by 
ferricyanide would be photosensitive.
In accordance with these expectations, the rate of reaction in 
deliberately illuminated experiments was fast compared with the rate when 
the reaction was carried out in a dark bottle. This result suggests 
that solutions of dodium sulphite should always be prepared in black 
painted volumetric flasks and kinetic runs should be performed in black 
painted bottles.
Typical results are shown in table [ /y i /J  snd Pig.
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, Table r 31 J
/ > e  (CH) | " j  - 0.001 U , fsofj = 0.015 M
T = 25TC
(a ) solutions exposed to light (b ) solutions in dark bottles
Time Cm.s)_ _ OoD. Time (ni,s) O.D.
0 (0.98) 0 (0.98)
1 40 0.61 1 50 0.722
2 5 0.568 2 25 0.66
2 20 0.528 3 5 0.628
2 35 0.49 4 7 0.585
2 55 0.45 5 45 0.535
3 7 0.435 7 20 0.488
3 25 0.412 9 30 0.433
3 42 0.391 11 50 0.385
4 00 0.37 14 20 0.338
4 15 ‘ 0.35 18 00 0.274
4 30 0.33 20 00 0.25
3 30 0.272
6 20 0.23
7 20 0.195
9 15 0.141
11 45 0.101
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The effect of atmospheric Oxygen
Solutions containing sulphite ions are found to suffer atmospheric 
oxidation. It has also "been found that oxidation occurs when Oxygen gas 
is bubbled through thesesolutionso The rates of these oxidations are 
found to be proportional to the rate of bubbling gas / / R e f , 11_7 ? the 
reaction is assumed to follow a chain mechanism /~Ref. 1
To elucidate the effect of deacration of sulphite solutions upon their 
reaction with ferricyanide ions, ’’dark*' experiments were done in which one 
run ITitrogen gas was bubbled through the solutions beforemà after mixing, 
and the result was compared with a control experiment not using this 
precaution.
Comparative results can be seen in table where the rate of
reaction in the presence of nitrogen was found to be slightly lower than 
the rate of the control experiment. Because of this result, bubbling 
to remove Oxygen was used in all subsequent work.
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Tatle / “ 3 8 y
/T Fe(cs)^ “ _7 = 0.001 J = 0.005 M, T = 25°c
Bark experiments.
A. B.
Experiment under Nitrogen atmosphere Experiment under normal atmosphere
Time (r.',.s.) O.B. Tine (m.s.) O.D.
2 45 0.84 2 10 0.848
5 50 0.78 5 30 0.765
9 30 0.742 9 30 0.715
13 10 0.707 14 30 0.648
18 00 0.645 22 30 0.547
26 15 0,572 34 30 0.42
34 40 0.495 41 20 0.348
48 30 0.382 47 20 0.302
62 45 0.292 56 30 0.247
75 15 0.23 63 15 0.215
1 73 15 0.178
Surface effect
In a system where the two reactants have an appreciable tendency 
to absorb onto the surface of their containing vessel, the rate of 
reaction might be influenced by the extent of surface available.
Rates measured in the presence of glass tubing (giving a ratio
of about 2) were found to be faster than in its absence. Thus, it was
decided to keep the volume of reaction raixtm?es constant for all future 
experiment.' The sampling technique for each experimental reading was 
thus also really necessary in order to eliminate the effect of the inner
surfaces of the Unicam cell on the reaction, besides its advantage in 
cutting out the effects of Ü.V. Comparative results can be seen in 
table (39).
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Table 39.7
, = 0.005M , T0.001M
, Bark experiments , Ng was used.
25°c
A. Packed vessel
(double surface area)
B. Unpacked vessel
Time . s ) O.D. Time .(.m, s) O.D,
2 15 0.77 2 45 0.84
4 5 0.67 5 50 0.78
6 10 0.578 9 30 0.742
8 30 0.49 13 10 0.707
11 45 0.388 18 00 0.645
17 00 0.276 26 15 0.572
23 45 0.189 34 40 0.495
27 30 0.175 48 30 0.382
62 45 0.292
75 15 0.23
The effect of acidity on reaction rate
Production of Hydrogen ions accompanies the reaction between 
ferricyanide and sulphite ions, which can be represented by the 
following equation whose st^chiometry will be discussed later.
2Fe(GN)  ^ - SO^ " + HgO > 2Fe(Cli)^  + 30^ + H6 ' "~3  ■ " 2"  '  ' “ “ 4
It was thought at the beginning of our work that these hydrogen ions
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might modify the course of the reaction and consequently produce
different rates. The change in the natural pH value of the reaction
0>
mixture was followed using/Doran pH meter. The results (see ta ble 
10 _ ^
2 40 J  show good agreement with the above equation.
Experiments were also carried out using buffered reactants at 
different pH values, and the resulting pH values were measured through­
out the reaction. Hie results of these experiments (table / 40_/ 
and Big. / 26__/ are summarised in the following manner
(1) At pH less than 3.5 there is very little reaction between
ferricyanide ions and the sulphur (IV) species; also there was evolut ion
of SO gas which was detected by its odour and by the diciiroma te 
2
test.
(2) At pH higher than 3.5 there is a gradually increasing rate 
passing through a maximum near pH = 7.6.
(3) In the pH range 7.6 - 10, the rate of reaction was found 
to decrease to a minimum at pHlO.
(4) The rate of reaction above pH 10 was found to increase
gradually. The first three observations may be explained as being
due to the existence of different sulphur species / Ref. 1 3 such
2—  —
as (HgSO j plus SOo) at pH less than 3.5, (S^O^ plus HSO^ ) in the
2—range 3.58 - 7.6 and to a S0_ ions in the range 7.6 - 10, each oneÔ
having a different reactivity tov/ards ferricyanideion.
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The last observation may be regarded as being due to purely 
catalytic effect exercised by (0H“ ) on^Lons.
In order to make some progress it was clearly necessary to simplify
the system. Thus in the work described here the pH has been
controlled by the use of phosphate buffers and kept in the range 7.6 - 
2—10. SO- ions are the predominant S(IV) species under these Ô
conditions.
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Table / 40 _/
/"Fe(CN)g"_7 = 0.001 M , Z"S0g"j7 - 0.005 M , T = 25°c 
Ng gas a dark bottles were used, total volume of the reaction mixtuie 
100 mis.
(1) 10 ml. of phthalate buffer (pH = 2.2 )
Time (m. s.) O.D. Time (m,.) p'.H.
1 40 0.981 2 3.58
7 30 0.961 5 3.58
16 00 0.96 9 3.50
24 00 0.96 12 3.49
36 00 0.96 15 3.49
57 00 0.96 20 3.47
22 3.47
26 3.47
30 3.47
I.R. very small
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Table / 40 _/ (continued)
(2) 10ml. of phthalate buffer (pH = S.3 )
Time ( m.s) O.D. Time (m) pH
1 59 0.96 2 5.15
7 00 0.94 5 5.15
12 00 0.925 5 5.15
18 00 0.92 9 5.15
26 30 0.901 20 6.15
34 00 0.90 26 5.15
42 00 0.898 33 5.15
55 00 0.890
0.0025 'O.D./
' min.
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(3) 10 ml. of phosphate buffer (pH = 5.29)
Time (m.s.) O.D. Time (m) pH
2 00 0.81 1 6.63
4 10 0.755 3 6.63
7 10 0.688 7 6.59
12 26 0.615 11 6.58
19 15 0.521 17 6.58
22 45 0.488 23 6.58
27 40 0.455 31 6.54
53 10 0.431
= 0.022 O.D./ .
/min
(4) lOmls. of Phosphate buffer (pH = 6.24) 
Time (m.s) O.D. Time (m) )H
2 30 0.78 2 6.90
4 30 0.71 4 6.90
6 40 0.66 10 6.90
9 15 0.6 14 6.90
12 00 0.55 20 6.90
14 35 0.52 25 6,86
18 lO 0.48 30 6.84
21 40 0.44
26 30 0.40
I.R. ) — 0.023 O.D./min
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(5) 10ml of phosphate buffer (pH » 6.98)
Time (m.s) O.D. Time (m) pH
2 20 0.76 2 7.49
4 30 0.639 3 7.49
7 20 0.55 6 7.43
9 45 0.491 10 7.35
12 40 0.43 14 7.34
16 00 0.374 17 7.33
19 20 0.325 23 7.33
23 15 0.287. 27 7.35
32 7.33
I.R. = 0.0348 O.D./min
(6) 20ml phosphate buffer (pH = 7.73 )
Time (m.s.) O.D. Time (m) pH
1 50 0 .8 5 7.88
3. 45 0.7 4 7.88
5 30 0.64 5 7.88
7 15 0.575 8 7.88
9 00 0.525 10 7.88
11 20 0.47 15 7.88
13 20 0.422 15 7.88
15 40 0.38 13 7.88
19 10 0.32 21 7.88
23 50 0.257 23 7.88
I.R. = 0.0218 O.D./rain. 26 7.88
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(7) lOmls. of glycine buffer (pH = 9.22)
Time (m.s.) O.D. Time (m) pH
1 50 0.865 2 9.00
4 10 0.85 4 8.98
12 45 0.82 10 8.98
21 30 0.795 15 8.95
29 00 0.778 21 8.95
40 15 0.755 28 8.95
59 00 0.69 38 8.95
47 8.92
I.R. - 0.0035 O.D,./min. 58 8.90
(8) lOmls of glycine buffer (pH = 12.77)
Time (m.s) O.D. Time (m) pH
2 00 0.86 2 11.72
4 15 0.858 6 11.72
6 30 0.838 9 11.72
14 00 0.775 11 11.72
18 40 0.74 20 11.72
27 00 0.685 51 11.68
32 45 0.555 57 11.66
4O 30 0.615 48 11.63
53 00 0.55 64 11.63
62 00 0.51
I.R. = 0.0089 O.D./min.
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(9) 10mls. of 0.2%NaoH
Time (m.s. ) O.D. Time (m) p-^
2 00 0.91 2 12.21
7 00 0.81 3 12.14
13 45 0.72 4 12.11
23 15 0.38 6 12.11
33 30 0.49 9 12.11
43 10 0.41 13 12.11
55 10 0.33 16 12.17
20 12.17
24 12.17
loRo = 0 .0133 O.D./min. 30 12.11
46 12.06
(10) Without buffer and without alkali
Time (m.s.) P.P. Time (m) Natural P
H
1 45 ‘ 0.94 1 30 8.29
4 30 0.88 5 30 8.245
12 . 00 0.82 8 00 8.19
22 10 0.74 12 30 8.105
34 15 0.69 15 15 8.08
46 15 0.64 21 00 8.01
26 30 7.94
32 00 7.90
37 00 7.86
= 0.0092 O.D./rjiin 52 00 7.75
( v(-3k  ^ a-pj
00
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lîedium effect
Reproducibility of kinetic results was not found even after 
eliminating the effects caused by light, surfaces area, atmospheric 
oxygen .and the acidity of the medium. It was thought that the 
water used as solvent might be the cause of this irreproducibility.
It was stated by Ephraim (ref.14) in connection with the 
atmospheric oxidations of aqueous solutions of sulphurous acid and 
sulphites that the purer the water the more slowly oxidation takes 
place. It was certainly found that conductivity water, obtained 
from a mixed-bed ion-exchange column, gave slower rates of reaction 
than ordinary distilled water; but although consistent results were 
obtained using a particular batch of conductivity water, each batch of
water gave quite different results for the Pe(CIT)^ j^fsO^  ^ reaction.
^ 2+ 2-f17e can only assume that minute traces of cations such as Cu , Im 
have a great effect upon the rate of this reaction. Several 
abortive methods were tried in the effort to obtain reproducible results, 
e.g. inhibitors for aerial sulphite oxidations such as glycerol were 
of no use.
However, the addition of traces of E.D.T.A. was found to be 
effective, and more over identical results were found from reaction 
mixtures made up with conductivity water and ordinary distilled water 
when E.R.T.A. was added. This result seems to show that 
adventitious cations really are the responsible catalysts.
Some of the results are shown in tables (41,42,43,44)
An attempt was made to compare rates of this reaction in H^O and 
b^O. A much slower reaction was obtained in significance
of this is however questionable owing to the numerous influences which 
seem to operate in this reaction, and we could not really be sure of the 
purity etc. of the b^O.
M.
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Table 41
n  Fe(CN)^_y = O0OOIM , SO^ J  = O.OO5M j solutions made mitb
conductivity mater, ë^ -s and dark bottles were used.
E.D.T.A._7 = 2.5 X 10" %
Time O.D.
1 55 0.98
6 15 0.955
13 20 0.95
21 45 0.91
32 45 0.89
42 20 0.855
57 30 0,83
70 20 0.81
93 00 0.77
117 00 0.74
139 00 0.73
.D.T.Ao_7 = 1.0 X 10“5m
Time (m.s) O.D.
2 15 0.98
7
V
20 0.96
18 15 0.93
28 15 0.9
45 00 0.85
62 30 0.815
86 30 0.76
109 15 0.71
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Table /" 42 _/
1)“ 2"
C  Fe(CN)g _7 = 0 .001M , Z" SO^ _7 = O.OO5M , _/~S.D.T.A. J
5 X 10"%
Fg gas and dark bottles mere used.
A. Solutions made with ordinary distilled water.
Time O.D.
1 40 0,98
5 00 0.975
12 35 0.95
19 15 0.92
27 15 0.895
43 30 0.86
64 40 0.791
87 15 0.765
111 15 0.72
i
itions made with conductivity mate
Time O.D.
1 40 0.98
4 00 0.97
12 00 0,95
20 30 0 .9
33 40 0.88
45 X 35 0.85
64 10 0.81
78 40 0.782
93 5 0.732
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Table C h'b J 
Z" Fe(CM)^ J  = 0.001M , Z~SO^~ _7 = O.OO5M,
Ifg gas and dark bottles mere used.
A. Solution made with ordinary distilled mater.
Time (m.s) O.D.
1 30 0.655
3 20 0.58
6 00 0.51
10 00 0.431
14 10 0.395
18 35 0.362
24 00 0.336
29 15 0.316
36 GO 0.294
B. Solution made mith conductivity mater.
Time (m.s)____________ O.D.
1 45 0.94
4 30 0.88
12 00 0.82
22 10 0.74
34 15 0.69
46 15 0.64
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Table 44
/^Fe(CK)^ J  = 0 .001M , J j = O0OO5M, solutions made mith
conductivity mater, gas and dark bottles mere used,
A, without additionuf glycerol
Time (m.s) O.D.
1 45 0,94
4 30 0.88
12 00 0,82
22 10 0,74
34 15 0.69
46 15 0.64
Bo mith three drops of glycerol
Time (m.s) O.D.
2 00 0,82
4 15 0.745
6 00 0.685
8 15 0.65
11 10 0.555
14 50 0.48
18 15 0.438
25 00 0.352
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The Stoichiometry of the Reaction
The experimental conditions for the rate measurements having been 
established, the stoichiometry of the reaction was studied before attempting 
any interpretation regarding the rate expression.
The work in this chapter was carried out at various pH values.
Known quantities of dodium sulphite plus E.D.T.Ac were dissolved in 10ml. 
conductivity water (or in a buffer), and known quantities of potassium 
ferricyanide were dissolved in 10ml, portions of the same solvent. The 
solutions were mixed and allowed to react completely by standing for at 
least one hour before analysing for unreacted ferricyanide and sulphite 
ions. The former were determined spectrometrically from the optical 
density at 420 mytg, the latter were found by titration with standard iodine 
solution. Before titrating, ferrocyanide was precipitated by cadmium 
sulphate and the reaction mixture was cooled in an ice-water mixture, 
thus eliminating any effect on the iodine-sulphite titration by the 
ferrocyanide product.
The results reported in Table A show the amount of potassium 
ferricyanide used up in each experiment as calculated from the optical 
density at 420 m.^^ The mean value of the stoichiometry in these series 
of experiments is I.98 which is very near to 2.0
Results of table B show some of the experiments which were carried 
out at higher concentrations of sulphite ions.
The unreacted sodium sulphite in these experiments was calculated 
from the titration with the standard iodine. The mean value of the 
stoichiometiy from these results is 1.956 which is also not far from the 
value of 2.0.
The stoichiometry of the reaction at different pH values is reported 
in table where excess of sodium sulphite was used. The unreacted
materials were determined by both procedures mentioned above. The pH 
values were obtained either by adding buffers or by adding 0.2M Sodium 
hydroxide solution.
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The actual measured pH values of these mixtures (not the nominal
values) are listed.
From these experiments the mean stoichiometry of the reaction above 
pH.7 was found to be 1.945 5 and at lower pH values it appears to fall 
gradually with increase in the acidity of the medium. This conclusion 
seems however to be wrong and due to some analytical fault in the 
presence of excess sulphite at low pH because in other experiments 
carried out at different pH values and with an excess of ferricyanide ions 
the mean value of the stoichiometry (see table /~46 J  is 1.955 and the 
stoichiometry is found to be invariont with pH.
It maybe noted that Higginson and Marshall state that the 
stoichiometry is I.32 at pH 9*
V/e take it that the stoichiometry is almost 2 under our 
experimental conditions.
The stoichiometry of the reaction 
A. In the presence of excess ferricyanide ions.
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; K^Fe(CH)g Reacted ZFe(CIv)^^J ;
1 (s) (g) ■
K Fe(Clî)g f s o / -  J  :
: : (g)
* 3-2926 0.3039 1.554 1.958 '
* 2.7718 0 .3# I.58O 1.990 *
' 2.2322 1.580 1.990 '
' 2.2322 o # 3 9 1.577 1.986 *
' 1.6231 0.3039 1.574 1.982 ’
B. In the presence of excess sulphite ions-
! K^Fe(CN)g Fa SO Reacted Z F e ( C H ) f J
(g) (g) ^"'2^3 (g)
r ^ o f j  '
: 0.8O69 0.9020 0 .1582 1.95
: O.6I69 0.9073 . 10.T205 1.96
: 0.3770 0.8916 0.07151 2.018
! 0.8783 1.1999 0.1573 1.99
! 0.8261 0.8257 0.1558 2.03
• 0.6086 0.9000 0.1188 1.96
: 0.3939 0.8037 0.0799 1.88
: 0.3939 0.1397 0.08049 1.87
; 0.3939 0.2096 0.07726 1.952
Table g  45 V
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K^ Ï'e(CF)g
(g) (e)
j,^ Pe(CN)g
reaot8d(g)
Fa^ SO^
reaoted(g)
pH J
0.3526 0.2438 0.2150 0.0799 2.89 1.03
0.3198 0.2259 0.2579 0.0746 4.11 1.32
0.3570 0.1989 0.2730 0.0792 5.37 1.32
0.3183 0.2459 - 0.0719 6.02 1.69
0.3939 0.1466 - 0.0760 7.03 1.98
0.3939 0.2265 - 0.0778 7.03 1.94
0.3896 0.2366 - 0.0816 8.18 1.82
0.3689 0.1276 — 0.0739 8.34 1.91
0.3700 0.1198 - 0.0693 11.40 2.04
0.3797 0.1792 - 0.0733 11.40 1.98
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Table 46 _/
: K Pe(CH). : Ha 30 : Reacted (g) : * Z“Pe(CH),^ “ J  :
; ^ ° ^ 8 s pH :---------^ ----  :
: (g) ; (g) ;
•
: ; : : :
1.6015 0.2226 1.13534 3.52 1.953
1.5926 0.1810 0.9122
•
3.56 1.929
1-5915 O.2O87 1.0917
•
4.70 2.002
1.6388
•
0.2185 1.1348
•
5.24 1.988
1.5617 0.1799 0.9317
•
6.0
»
1.98
1.5633 0.2004
s
1.0173 7.0
»
1.943
1.5731 0.1789 0.9347 8.24
s
2.000
: : : : ; :
1.6186 0.2192 1.0675 9.92 1.864
; » % ; :
1.5680 0.2073 1.0808 11.24 1.995
• ; • : • "X
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Réaction products
Important ed:idence as to reaction mechanism is provided by the identity 
of the products formed. For the reaction between ferricyanide and 
sulphite ions likely products are ferrocyanide and sulphate (or possibly 
dithionate).
Qualitative tests certainly show the presence of sulphate and 
ferrocyanide. Quantitave determinations of the sulphate product at 
various acidities were done as follows:-
The ferricyanide and the sulphite solutions were left to react for
more than an hour. Then a solution of cadmium nitrate was added with
constant stirring until precipitation of ferrocyanide and excess
ferricyanide ion was complete. The solution was left to settle for half
an hour, filtered, and the precipitate was washed with cadmium nitrate
solution. Elimination ofth^ excess cadmium from the filtrate (which
2 _
might interfere in the precipitation of SO^ ^) was carried out with 
Hydrogen sulphide. The cadmium-free filtrate was just boiled to 
remove hydrogen sulphide. Sulphate was then determined gravimetrically 
as barium sulphate by the standard procedure. Results of the 
experiments carried out at different pH values which are reported in 
table n hi J  indicate that the sulphite is oxidised to sulphate, not 
to dithionate.
Table 47 _7
•weight of J weighi of : weight of 
: 3aS0 (g). t+
• Actual ydê-ld’ 
(g)
:theoret-:
:ical-jr.41d PH
' 0.2403 * 1.5786 : 0.4239 0.1744 * 0.1831 9.0 :
’ 0.1971 ■ 1-5193 ' 0.3719 0.1536 : 0.1502 9 .0 :
” 0.1642 * 1.5882 ' 0.2995 0,1232 " 0.1251 3.6 *
; i
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Prolonged boiling of the filtrate from the barium sulphate 
filtration with nitric acid and addition of further barium produced 
quite insignificant amounts of precipitate. Dithionate (if present) 
should have been converted to sulphate under these conditions. The 
amounts present in these experiments were unweighable.
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Investigations of the order of reaction 
From the stoichiometry experiments, it was concluded that the 
reaction between ferricyanide and sulphite ions is virtually irreversible. 
The situation simplifies the study of the order of reaction.
On our early work, i.e. without E.D.T.A. but using one batch of 
conductivity water, experiments were varried out at constant, high 
concentration of sulphite with constant temperature and ionic strength 
but at different concentrations of ferricyanide. The order of reaction
with respect of ferricyanide ion calculated from the initial rates 
appeared to near unity. Similarly by using excess ferricyanide the 
order of reaction with respect to sulphite ions was found to be about 
unity as can be seen from the results reported in tables /~48,49_7 
Figs /■ 27,28_7.
The importance of E.D.T.A. in the study of the kinetics of this 
reaction having been recognised, it was thought necessary to check these 
findings. Thus another series of experiments were performed in which 
E.D.T.A. was introduced, pH and ionic strength being maintained constant.
The rate constants for these experiments, which are reported in 
tables 3nd were calculated according to the following
relationships
Let the original concentration of ferricyanide ion /~*Fe(CH)^ J  -  a 
and for sulphite ion _/ = b.
Let X be the concentration of consumed after time t, then
\
from the stoichiometry of the reaction, the concentration of /~Fe(CH)^_J7
178
consumed at time t will be 2X. 
dx
If —  represents the rate of reaction, and the order of rea ction with 
dt
respect to each reactant is unity, then
^  - K(b - x)(a - 2x)     (1)
dt
dx
and Kdt =
(b — x)(a — 2x) 
then Kt = ^ log
(a - 2x)
plus C
^b - a
At t = 0, Kt= 0, X = 0
1
Therefore G — — (   ) log
2b - a ® a
1 a(b - x)
And Kt =   log ...........  ....... (2)
2b - a b(a - 2x)
A pit of log^Q (  ^ versus time "t" of the last equation
apjed to any of the experiments in this section should give a straight
line. This was found to be true. The rate constant of the reaction
, 2.305 ^
is calculated from the slope of this line multiplied by (  -----  ).
2b -a
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Table 48 J7
J  = 0.005 , T = 25°c , conductivity water, Dark bottles
and Eg gas were used.
(A) ZFe(CF)^ J  = 0.001M (b ) PFe(CF)^_/ = 0.00075^ 1
Time O.D. Time O.D.
2 10 0.868 1 35 0.66
5 30 0.785 3 35 0.602
9 30 0.735 5 30 0.55
14 30 0,665 9 10 0.472
22 30 0.567 13 40 0.384
34 30 0.44 18 45 0.323
41 20 0.368 23 50 0.267
47 20 0.322 29 15 0.221
I.E. = 2.03 % 10“  ^O.D. unit /
' min. I .R. = 2.5 X 10“^ O.D
unit -i
m^in
Table / 48 __/ (continued)
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/ Fe(CN)g" 0.0005M (D) L Fe(GN)"'6"J  = 0.00025M
Time O.D. Time O.D.
2 00 0.44 1 55 0.215
4 15 0.496 5 30 0.192
7 15 0.374 10 10 0.172
10 30 0.555 15 30 0.149
14 50 0.352 21 30 0.125
21 00 0.301 27 30 0.108
27 00 0.26 33 15 0.088
34 50 0.204 39 15 0.073
= 1.14 X 10“^ O.D. I.E. = 6.66 X 10"5 O.D. unit/
min
V -1
Table / 49 ^
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5-
l_ Fe(CN) J  = O.OOIM  ^ T - 25^c , conductivity water. Dark
6
bottles and Ng gas were used.
(A ) L  % Û.0Û5M
a- _
(B) Z SO _y = 0.007&M o
Time O.D. Time O.D.
a 10 0.868 1 50 0.85
5 30 0.785 5 20 0.725
9 50 0.735 7 50 0.672
14 50 0.665 15 50 0.555
50 0.567 20 00 0.475
54 50 0.44 28 35 0.535
41 20 0.568 56 00 0.255
47 20 0.522 45 50 0.201
I.E. = 2.05 X 10“  ^O.D. unit/.^ j^^ I.E. = 5.55 X 1 0 -2  0
min
182
Table / 49 j/ (continued)
—  2—  ___
(G) i  S0„ _y= O.OIOM
Time O.D,
2 00 0.775
4 40 0.685
6 55 0.658
10 45 0.55
15 45 0.458
19 45 0.568
25 00 0.287
.-2
L
2-
J = 0.015M
Time O.D.
1. 50 0.68
5 25 0.53-
5 00 0.41
6 55 0.54
8 35 0.244
10 15 0.192
12 10 0.147
15 55 0.09
R. = 8.12 X 10"2 O.D,
min
H ^
V\
O
VTt
in
18&
Table Z 50 V
SOg^"  J - 0.02M , pH = 8.15 , i  S.D.T.Ai/ = 5 X 10
= 25°c , Ng gas and dark bottles were used, JUU = 0.103
L Fe(GN)’^“
6 ' J  =
O.OOIM
Time O.D.
1 45 0.915 0.0295-
4 25 0.820 0.0762
7 00 0.750 0.1256
lo 10 0.640 0.1817
l4 20 0.528 0.2659
18 45 0.450 0.3520
24 40 0.536 0.4580
31 50 0.246 0.5907
K (rate constant) = 1.114 M"^ . —1min
-5M
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Table Z~ 50 J (continued)
(b ) /“ Fe(CH)^ J  = 0.0008M
Time O.D. Log10
a
b
b - z
( )
a -2x
1 45 0.740 0.0250
4 5 0.669 0.6680
7 25 0.580 0.1289
11 40 0.486 0.2046
16 50 0.389 0.3002
23 45 0.288 0.4297
30 10 0.224 0.5380
35 40 0.180 0.6326
K (rate constant) =
186
C. J = 0.0006M
a "b - z
Time O.D.   (----- )
b a ~2x
1 45 0.549 0.0293
3 55 0.500 O .0699
7 30 0.43 0.1345
11 00 0.369 0.2003
15 45 0.302 0.2865
22 40 0.224 0.4152
25 40 0.194 0.4775
29 55 0.161 0.5580
K » 1.111 M  ^ minute ^
D. Fe(CN)^ = O.OOOlfM
q b - z
Time O.D# Log^Q — —  (■ ■— ■>• >■ )
b a ~2z
1 45 0.375 0.0195
3 50 0.338 0.0643
6 50 0.300 0.1155
9 55 0.260 0.1772
14 40 0.212 0.2651
19 20 0.172 0.3557
24 15 0.140 0.4449
28 40 0.118 0.5167
-1 -1 
K = 1.116 M minute
E. i  î'e(CN)® J  -  O.OOOSM 
6
187.
Time O.D.
10 b a -2x
1 35 0.192 0.0093
5 55 0.175 0.0496
6 50 0.156 0.0991
10 00 0.131 0.1747
14 15 0.112 0.2427
19 40 0.088 0.3482
26 00 0.070 0.4461
31 45 0.054 0.5587
37 35 0.042 0.6677
K = 1.125 . Minute"”^
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Table 51 _/
/“ Fe(CN)|“ J  = O.OOIM , pH = 8.15 , = 5 x 10"%
T = 25*^0 ; Ng gas and dark bottles were used , yu = 0.118
A. /“ SOj^“ J  = O.O25M
a b - X
Time O.D. Log.^ —  (----- )
' b a -2x
1 35 0.885 0.0440
2 30 0.810 0.0816
4 10 0.730 0.1260
5 55 0.665 0.1660
8 00 , 0.584 0.2215
11 5 0.480 0.3058
13 45 0.411 0.3726
16 45 0.344 0.4500
20 10 0.284 0.5319
24 35 0.214 0.
K = 1.322 ir"* min"''
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B. / SOg J  -  0 .02M
Time (m.s) O.D,
a b -  X
1 40 0.900 0.0365
3 45 0.820 0.0760
6 15 0.745 0.1168
10 00 0.618 0.1965
14 15 0.509 0.2795
20 25 0.580 0.4049
24 15 0.310 0.4925
50 55 0.238 0.6064
K = 1.164 rr^, m n  ^
c. L sOgZ- J  = 0.015M
Time (m.s) O.D.
a
Log ---
10 b
1 45 0.900 0.0361
4 25 0.830 0.0703
6 55 0.770 0.1019
9 30 0.690 0.1483
12 45 0.615 0.1971
16 10 0.541 0.2517
20 00 0.480 0.3027
27 15 0.373 0.4105
52 
K =
5
1.262 M“ .^ . -1min
^^520
, 0.4764
b -  X 
(— ) 
a -2x
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o
Z sOg 7  = O.OIM
Time (m.s) O.D.
a ]
T -  (;
1 40 0.950 0.0221
3 35 0.380 0.0448
7. 17. 0.810 0.0792
12 20 0.735 0.1195
19 00 0.630 0.1841
24 50 0.550 0.2410
31 00 0.490 0.2901
38 00 0.430 0.5455
45 40 0.375 0.4055
K = 1.288 min ^
b — X
—  2 A —
E. i  S0„ J  -  0.005MÔ
191
Time O.D. Log.
a b - X
(a —Pv )10 b '^ -2x
1 50 0.950 0.0125
5 25 0.910 0.0293
11 15 0.370 0.0475-
17 40 0.310 0.07626
26 00 0.740 0.1112
35 15 0.695 0.1363
45 40 0.648 0.1645
50 10 0.611 0.1883
57 40 0.580 0.2094
66 00 0.548 0.2325
K.= 1.185 M -. .Alin ^
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The effect of ferrocyanide ions 
Ferrocyanide ions are a major product in this reaction and thus its 
formation throughout the reaction may modify the rate. Severa 1 
experiments were carried out in the absence of Ë.D.T.A., and the 
results as shown in table / 52__/ indicate that the ferrocyanide ion 
has a small accelerating effect whereas a decelerating one might hav e 
been expected from a step such as:-
Fe(CN)3- + sOg- p = Z  +  So"
It was thought that tnis ion might react with sulphite to form 
complex ion species which would have its ov/n reactivity tow-ards 
ferricyanide ions. Spectrophotometric experiments were carried out 
to investigate the presence of such intermediates.
Different quantities of sodium sulphite were added to a constant 
quantity of potassium ferrocyanide^ the resulting mixtures oeing left 
to stand for a few hours before dilution and examination. The 
spectra of the resulting solutions was found to be additive and to 
obey Beer’s law, thus indicating that there is no detectable complex 
formation between ferrocyanide and sulphite ions. The results can 
be seen in Figs. / 29,30,31_/.
hhen E.D. T.A was used, the same small accelerating effect of
errocyanide v/as observed, (see table / 53__/ ).
No definite conclusion regarding this accelerating effect can be 
drawn at this stage before knowing the general and the specific
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behaviour of cations and anions on the reaction. A suimnary of 
these and further experiments can be seen in table / 54
Table / 52 _/
Z ”Fe(CN)®” J -  O.OOIM , J -  0.005M
6.
Dark bottles and gas were used.
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A. L  Fe(CN)^"_y = 0.00, 
= 0.021 
Time (m.s)_______ O.D.
B. i  Fe(CK)^ J  = 0.00002M
ytL = 0.0212
Time (m.s)_________ O.D .
2 45 0.8o2 2 30 0.778
6 10 0.781 6 10 0.700
lo 00 0.735 12 10 0.618
14 50 0.676 20 00 0.515
22 10 0.618 28 30 0.417.
30 60. 0.541 43 00 0.320
37 50 0.449 70 00 0.210
48 10 0.545
I.E. = 1.198 X 10 O.D,/minute I.R. 1.366 X 10~^ O.D
19&
G. i  Fe(CN)^ J  = O.OOOOSM, D.
—  4—■ —
/ Fe(GN)^ _y = 0.0003M
jü L  = 0.0213
h  -
0.024
Time (m.s) O.D. Time (m. s). O.D.
2 15 0.750 2 30 0.789
5 15 0.538 7 15 0.595
10 35 0.516 16 15- 0.395
15 30 0.440 22 10 0.320
18 15 0.400 28 20 0.258
22 00 0.360 32 00 0.232
27 15 0.305 37 30 0.194
36 00 0.236 44. 00 0.166
I.R. = 2.155 X lo"
-2
O.D./minute I.R. - 2 .2  X 10-^
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Z f e(CN)J J  = 0.0005M F. L Fe(CN)| J  - O.OOIM
jU, = 0.026 ^  = 0.031
Time (m,s) O.D. Time (m.s) O.D.
2 30 0.861 2 15 0.862
6 00 0.695 5 15 0.760
10 00 0.582 10 30 0.590
17. 00 0.455 21 45 0.396-
23 50 0.383 30 45 0.284
32 00 0.300 38 30 0.234
39 30 0.266
46 00 0.240 I.R. = 3.238 X 10"'
I.R. = 2.926 X 10 ^ O.D./minute.
minute
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Table /  S5 _/
L Fe(CN)g J = O.OOlîsJ , /  SO5” J  = O.OIM , pH = 7.86
L E.D.T.A.7  - 5 X lo"^M , Ng gas and dark bottles were used,
7  = 0.138
. L" Fe(CN)^ _/ = O.OOIM B. L Fe(CN)4- 7  = 0.003M
Time (m.s) O.D. Time (m.s) O.D .
1 30 0.915 1 15 0.905
5 20 0.836 3 50 0.765
6 10 0.745 5 30 0.68
9 10 0.650 8 10 0.55
11 30 0.590 10 15 0.48
14 10 0.533 11 40 0.436
17 30 ,0.460 13 5 0.396
19 5 0.414 14 40 0.305
K = 2.41 r-hLn ^ K = 3.98 M-1
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C. i  Fe(CH)g" J  = 0.005M
Time (ms)__________  O.D.
1 26 0.89
3 30 0.74
5 30 0.625
7 20 0.54
9 50 0.435
12 5 0.362
14 50 0.244
20 45 0.192
K = 4.46 min”^
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The effect of Neutral Salts
A study of the primary salt effect on the reaction between ferri­
cyanide and sulphite ions was carried out by measuring the rate of 
reaction at different ionic strengths (Sodium perchlorate was 
employed as a Neutral salt). The result as is shov/n in tables 
/ 55,56_y and Fig. / 52_/ indicates that a positive effect is 
accompanying the increase in the ionic strength. This implies that 
tv/o similarly charged ions are involved in the rate determining step.
Fe(GN)^ plus SOg^ ---------^ products.
The slope of the plot of \/ ^  against log^Q^
K (rate constant) is actually 1.142, a value which is less than t he 
expected one. This result might be due to specific ion effects; to 
the fact that we are really vmrking with solutions outside tne region 
of application of the simplest Debye-Huckel relationship; or to the 
occurence of a rate-determining step between ion-paired species.
The existence of specific ion effects was shown by experiment s 
in which the nitrates of various cations were added to a constant 
reaction mixture. The results (see taoles / 57,58_/ ) show that 
different cations effect the rate of reaction differently.
The order of effectiveness is G 5 ^  Na*^ Li^ .
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Similar^ anions (added as potassium salts) alter the rate of reaction. 
Here the order is Fe(GN)^" ^  Br”^  F ^  ^  cl ^  NOg ^HpP04 .
20S
Table / 55 ^
L Fe(GH)g" J  -  O.OOIM, J  = 0.00E5M , /"e.D.T.A ,J -
-5
6 X 10 M, T z 25°o , pH = constant.
A. ^  = 1.6 B. yu “ 1.00
Time O.D. Time O.D.
1 V 35 0.90 1 25 0.92
4 45 0.72 3 50 0.883
7 40 0.565 6 00 0.818
10 15 0.486 9 00 0,763.
12 15 0.429 12 10 0.712
15 30 0.351 17 00 0.633
17 25 0.514 20 40 0.593.
K = 15.178M-1. . —1min • 25 15 0.540
• K = 5.026#-!, . -1 ,min •
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0.
r
= 0.70 D. yü 0.4
Time O.D. Time O.D.
1 45 0.93 1 30 0.92
3 45 0.873 3 45 0.37
5 45 0.835 7 50 0.801
7 30 0.805 11 30 0.751
9 55 0.76 15 35 0.71
14 45 0.70 19 7 0.675
18 5 0.645 24 10 0.65
21 30 0.599 29 30 0.578
^ 4.636M !, min !, K = 3.112 M min
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/U =
Time
0.28
O.D.
F. /^ = 0.20
Time O.D.
1 15 0.94 1 25 0.962
4 30 0.91 4 00 0.95
8 00 0.885 8 00 0.938
12 00 0.855 12 30 0.88
16 25 0.83 18 45 0.97,
SI 15 0.795 27 15 0.775'
26 30 0.768 34 15 0.735
35 20 0.721 42 20 0.696
40 45 0.695 51 15 0.675-
K — 1.748 i\T^ . K = 1.857 M !. min"*!
208
G. /“ = 0.168 H. /^ = 0.118
Time O.D. Time o . a .
1 30 0.95 2 00 0.95
7 00 0.91 7 50 0.902
15 15 0.86 17 50 0.87
24 00 0.80 29 50 0.84
51 00 0.755 42 15 0.78
40 20 0.712 52 15 0.695
47 35 0.666 72 50 0.675
59 30 0.62 K = 1.268 M”!. . -1min .
K = 1.604 M-!.min-!.
I» = 0.058
Time O.D.
1 30 0.945
7 25 0.93
17, 30 0.915
27 50 0.88
41 30 0.855
50 00 0.83
65 00 0.808
79 20 0.80
99 00 0.775
K - 0.445 1 !. min~
Table / 56 ^
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K _ 
(M .min ■h
^°^10 %r
0.058 0.241 0.445 T. 64884
0.118 0.543 1.268 0.10515-
0.168 0.410 1.604 0.20555
0.200 0.447 1.657 0.21950
0.281 0.530 1.748 0.24261
0.400 0.652 3.112 0.49313
0.700 0.857 4.656 0.66621
1.000 1.000 • 5.026 0.70130
1.600 1.265 15.178 1.18121
The slope of \/ yu against log^Q^ is 1.142
0 /
o
Va
6
Table Z 57 J
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Z Fe(CN)* J  ~ O.OOIM , Z So/ J  -  O.OUÆ , pH = 7.86O c
L  E.D.T.A._y 
/u = 0.138.
.-55 X 10 M, Ng gas and dark bottles were used.
ZBr" J — 0.05M B. / cl V  = 0.05M
Time O.D. Time O.D.
1 45 0.87 1 30 0.921
3 50 0.81 4 10 0.852
6 45 0.73 7 20 0.772
8 55 0.66 12 7 0.68
11 15 0.61 15 25 0.615
14 5 0.55 19 35 0.544
16 50 0.51 24 15 0.477
18 15 0.462 27 45 0.432
K = 2.235 ïïîin~^ . K = 1.603 m'
-1 -1
. min •
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C. L F J  : 0.05M D. Z J  - 0.05M
Time O.D. Time O.D.
2 00 0.92 1 30 0.899
4 40 0.81 5 35 0.87
6 35 0.775 7 10 0.83
8 45 0.708 11 00 0.805
11 00 0.65 15 45. 0.762
13 15 0.599 19 15 0.741
16 25 0.528 25 20 0.699
18 50 0.48 32 45 0.655
K :■ 1.976 ivr^ . min"^. K = 0.825
-1
min .
(possible effect of anion on pH)
213.
J .
2
SO4 J  = 0.0167M
Time O.D.
1 20 0.94
3 50 0.87
9 00 0.75
13 50 0.642
19 20 0.57
20 40 0.519
25 45 0.45
30 30 0.384
K = 1.615 min^^.
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Table / 58 _/
/Fe(CN)g J  = O.OOIM , L  80^^" _/ = O.OIM , pH - 7.86 
/E.D.T.A._y = 5 X lo M , Ng gas and dark bottles were used.
A.
= 0.138
Time
0.05M
O.D.
B. Z Na'^_/ = 
Time
o . o g M
O.D.
1 45 0.94 1 50 0.94
4 5 0.39 4 20 0.92
7 40 0.83 8 50 0.86
12 45 0,765 13 30 0.795-
20 30 0.625 17 50 0.748
25 5 0.582 22 55 0.708
29 45 0.500 28 20 0.664
34 00 0.46
K := 0.777 liT^ . ffliir~
K = 1.146 i r ^ . min"-
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J  — 0 D# f ~  J  = O0O3H
Time________ 0.3. Time O.D.
1 30 0.07 1 25 0,92
3 50 0.93 3 30 0.85
8 35 0.87 7 10 0,792
13 40 0.792 10 50 0,715
IT 50 0.75 15 00 0.64
27 15 0.67 20 25 0.555
34 25 0,615 26 15 0.455
42 45 0.55 30 40 0.413
= 0 .727 M ^. lain ^. K == 1.032 M ^. ain
B. /“C3 J  = 0.0511
Time 0.3.
1 25 0,91
3 50 0,8
5 15 0,755
6 45 0.69
8 35 0.625
10 30 0.57
12 15 0,518
14 35 0,462
17 40 0,402
K = 2.714 M \  min”^
It is clear that again each cation produces a specific effect, thus the 
"ionic strength" experiments are again really sho\?ing up a catalysis by 
added ions not an ionic strength effect on activity coefficients.
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.The effect of temperature on reaction rate
The reaction rate wasmeasured at different temperatures and the
plot of log^^K against ___ gave a straight lige. A typical set of
results is given in tables /~59?60_7 and also in Figs /~33?34_y»
Calculations of the energy of activation, using the least squares 
method for these results and for other results of experiments carried 
out at higher ionic strength, gave the values of 12^2 Ecal/mol. for 
the former set and 10»5 Kcal/mol. for the latter one^
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Table Z~ 59 _7
/■Fe(Cjj)>J = 0 .001M , C  50^^ J = 0.01M , PH = 7*86 ,
/S.b .t .a ._7 = 5 X 10 , 1^ 2 gas and dark bottles Mere used,
= 0 .138.
A. T = 10°c B. T = 15°c
Time O.B. Time O.B.
1 45 0.95 1 30 0,94
4 50 0.90 6 15 0.842
8 50 0.83 10 55 0.775
14 10 0.791 15 15 0.715
19 25 0.751 20 30 0.64
23 30 0 .7 24 00 0.596
29 40 0.65 27 55 0.568
36 15 0.62 33 50 O .506
37 40 0.471
K = 0.624 M i . -1min K = 0.978 M b  min"b
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T = 20°o 3. T = 25^0
Time 0.3. Time O.D,
1 40 0.93 1 30 0,921
3 42 0.87 4 10 0.852
6 25 0.81 7 20 0,772
9 50 0.76 12 7 0,68
13 7 0.698 15 25 0.615
16 42 0.645 19 35 0.544
20 45 0.594 24 15 0.§77
24 40 0.552 27 45 0.432
K = 1.228 M b  min K = 1.60 M b tnln b
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E< T = 30°c
Time O.D.
1 30 0.92
3 30 0.82
5 30 0 . 7 4 5
7 12 O0675
9 10 0.61
11 00 0.556
1 3 37 0.498
17 1 5 0,424
F< T = 35% .
Time O.B.
1 20 0.89
3 00 0.79
4 30 0.712
6 15 0.635
8 00 0.56
9 45 0 .5
11 30 0.436
13 30 0.393
K 2.535 M \  min K = 3.329 min ^
G. T 40°c
Time O.B.
1 20 0.88
3 00 0.765
4 35 0.674
6 5 0.601
7 30 0.549
9 10 0.49
10 25 0.44
11 45 0.403
K = 3.85 M b  min
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Table 60
/~Fe(ClT)^“ J  = OoOOlM , J  = 0 .01M , Pïï = 7.86
/~E.D.T.A._7 = 5  % 10 %  , gas and dark bottles were used,
j\x = 0.088
A, T 30°c B. T = 25°c
Time O.D. Time O.D.
1 30 0.94 2 10 0.938
3 30 0 .9 4 40 O.9O8
6 3 5 0.84 8 45 0.85
10 25 0.768 14 00 0.78
14 25 0.701 19 7 0.73
19 30 0,628 26 10 0.655
23 00 0.565 38 13 0.545
28 10 0.502 48 8 0.475
K 0.816 M ^. rain ^.
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C. T 20°c D. T = 15°c
Time O.D. Time O.D.
3 00 0 .94 2 15 0.97
6 10 0.89 8 20 0.92
10 5 0.865 14 30 0.86
15 50 0,80 26 50 0.775
22 35 0.74 37 5 0.715
33 5 0,645 48 5 0.65
42 10 0.582 62 50 0.575
48 45 0,542 76 00 0.535
K = 0,659 M~b min"b K = 0.439 0 min
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T = 10°c
Time O.D.
2 30 0.98
11 00 0.92
19 00 0,88
30 10 0,82
41 10 0.775
53 15 0.728
66 45 0.685
79 45 0.64
K = 0,288 H~b min"”'
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DISCUSSION OF THE RESULTS OBTAINED
SECTION ONE 22 6 J,
The reaction between ferricyanide and iodide ions
It is evident from the stability constant of the complex 
ferricyanide, that its tendency to dissociate in solution to ferric 
and cyanide ions is very small (Ref.15). Re(CN)^“ :^:=^ 4- 6CN~
also its tendency to hydrolyse to any of the series of complex
ions of the type Pe(CN)^(OH) 3- is very small. Hence, it is almost
certain that the species involved in the reaction is either Pe(CN)?""
2—or an ion of the type MPe(CN)^”"
Intermediate species in reactions of iodide are mainly 1 , 1°, 
and MI^^‘
The reaction between ferricyanide and iodide ions according to 
the Wagner mechanism follow$:«
Pe(CN)g" * Pe(CN)g4
Ee(CN)|“ 4
Ee(CN)g4-
Where 1 and 1^ are the iodide intermediates. On the other
hand Bookman suggested a mechanism for this reaction of pre-equilibrium
Fe(CN)g“ (Fe (CN)g I)4-
4-Where the species (Pe (CN)^l) is the intermediate*
rfow, in view of the retarding effects of potassium ferrocyanide 
on the reaction, it seems most probable that the first step in this 
reaction is a reversible process, and this fact supports the Wagner 
mechanism only.
Again, at constant ionic strength of the reaction mixtures, the 
considerable increase in reaction rate occurring when different 
cation concentrations are present suggests, either abridge mechanism
227.
involving the interpolation of the cation between the two negatively
charged reactants, or that reaction takes place between iodide ions
2—
and ion pairs (KPe(ON)^~ most likely); a possible mechanism# 
is the following:*
Fe(CN)|" 4 K *  > Fe(CK)g"..... K *
Fe(0N)3-..K* $ i“ — - Fe(CW)^ ". ... .K  ^....l"
2
Fe(CN)3-...K 4 I 4 l" rate  ^ Fe(CN)f“ 4 K 4 I
determing
Ig would then be removed by some ferricyanide species
e.g. I~ 4 Fe(CN)g" fast  ^ 4 Fe(CN)g“
The essential feature of the bridged - activated complex which was 
invoked by Taube and his associates is that an added group, whether 
neutral or charged is co-ordinated in a symmetrical fashion between 
the oxidant and the reductant, providing a more accessible path 
for the flow of electrons*
More recently, a considerable insight into the electron 
transfer process in solution was given by the electron tunneling 
theory (Ref.16), which stated that for the transfer of an electron, 
besides the thermal-barrier-crossing process, there is a possibility 
for the electron to transfer at distances considerably greater 
than would correspond to "actual collision" of the reactants.
This is thus related to the extension in space of the electronic 
orbitals.
In view of the above statements, it is possible for the 
reaction to take place by a non-bridged mechanism, where the two 
reactants come into collision, or by the tunneling process.
Fe (CK)g“ 4 l“ ^ ------  Fe(CN)g" l"
Fe(CK)^" I-  ^  FeCCN)^" 4 1°
6
4 i " _______ ^  I2
228.
Fe(CIf)^ " 4 I~ X Fe(CN)^ “ ...
Pe(CW) “^... l“ ---- ^ Pe(CN)^ " 4
Again according to the above theories, ligands of a complex 
ion (like cyanide, possessing TP bonding) act as good conducting 
groups for electrons, while solvent molecules hinder the 
transference of electrons by hindering the extension into space of 
the orbitals on the exchanging particles.
In view of the above statements, the presence of a highly 
hydrated cation (like lithium) would aid conduction to a smaller 
degree than a less hydrated one (like caesium). This expectation 
was found to be true in our reaction; the order of increase in 
reaction rate when different cations are added seems to follow 
the order of decreasing hydration of these cations.
Regarding the effects of the added anions to the reaction; 
the order of increase in the reaction rate for these ions run 
parallel to their effectiveness in complex formation (i.e.Br 6.1 
N0*~).
Now, although anion effects are known fairly well for 
reactions between two positively charged ions (Refs 18,19), yet 
no reported explanation has been done for cases in which the two 
reactants are negatively charged ions* The observed effects 
of different anions in our reaction seem to follow the order of 
Taubers classification* Another possible explanation for the 
anion effects is that they follow the order of increase in the 
oxidation potentials of these anions*
(ilg/l” a -0.535 volt iBrg/Br = - 1,076V, iClg/tl" = -1,358V 
and iPg/p" = -2.85V).
The anion assis^ted step of the reaction mechanism which was 
suggested in part one seem to afford support to the idea that 
different anions participate in the reaction according to their 
oxidation potentials*
229.
SECTION TWO
The reaction between ferricyanide and sulphite ions
1o Summary of general conclusions:-
The major results may be summarised as follows:-
1 * Rate measurements of the reaction between ferricyanide and 
sulphite ions, are affected by the presence of traces of 
foreign ions in water, also affected by light, surface and by 
atmospheric oxygen.
Reproducibility of results appears when these factors are 
eliminated.
2 - The stoichiometry of the reaction follows this equation:
2 Pe(CN)g" 4 HgO 4  y 2Pe(CK)g" 4 S0^ “ 4 2H ^
3 - In solutions containing these ions, variations in the pH 
are accompanied by a variation in rate, the general form of the 
reaction curve seems to reach a maximum at pH(7*6) and a minimum 
at pH(lO). No reaction seems to take place in a strong acidic 
medium*
4 - Potassium ferrocyanide additions to the reaction mixture 
produce an accelerating affect. This is masked to some extent 
by the general salt effect but, at constant ionic strength,
the acceleration produced by a small initial concentration of 
ferrocyanide ion is roughly proportional to that concentration*
5 - Different cations and anions show different specific 
effects on the rate of reaction*
6 - The rate of reaction seems to follow a second order rate 
equation, the order of reaction being unity with respect to 
each reactant.
7 - Finally, the rate of reaction is slower when Deuterium 
oxide is being used instead of water as a solvent*
23p.
2o The nature of the reacting species;-
The complex ferricyanide ion involved in the reaction, 
as shown in the previous section is either Pe(CN)g*" or an 
ion pair of the type MPe(CN)^""
Regarding sulphite species:- at low pH loss of SO^ was
detectable - it was clearly present as such in solution.
Various S(IV) ions are known to exist in slightly acid
solutions and presumably they all have different reactivities.
towards ferricyanide. Under the alkaline conditions used
2«- _
here, however, the likely reactant species are SO^ or MSO_i J e
Since the activation energy is low ( 1 1 - 1 2  Kcal/mol)
either a most unfavourable entropVy of activation, or 
true reactants existing in low concentration must be 
postulated to account for the observable rate of reaction. 
Ion-paired reactants could be the explanation in either 
case.
231.
A general discussion of the mechanism of the reaction
Any acceptable mechanism for the reaction between potassium 
ferricyanide and sodium sulphite should explain all the 
experimental features of its kinet^ics.
In view of the considerable increase in reaction velocity, 
when potassium ferrocyanide is added to the initial mixture 
of ferricyanide and sulphite ions, this suggests that the 
ferrocyanide formation step is an irreversible process.
Pe(CN)^ " 4 30^ "  ». so” 4 Pe(CN)î"
6  ^  ^ ^
Since the product of the sulphite oxidation in this reaction
is mainly sulphate ions, no dimérisation of sulphite ion
radicals is taking place during the reaction.
The last finding suggests a further step in which these 
ion radicals are reacting with ferricyanide ions.
Now, without reference, at the moment, to the precise nature
2-of the ions involved, i.e. whether they are S0_ or M80_
3— 2-Fe(CN)^** or MPe(CN)^*", but concentrating rather upon the
oxidation states involved, a possible mechanism for the
reaction between these ions assumes the following:-
Pe(CN)^" 4 SOj” rate  ^ Pe(CN)g” 4 SO
^ determining
g  A 2 32
Pe(CN)g 4 30^ Y.fast . Pe(Cîf)g 4 30°   .2
equilibrium
30° 4 HgO v.fast in the^ 30^“ 4 2H^ ,____ . . . . . . . .  , 2
case of water
Where equation ^ is a rate determining step of the reaction, 
equation _2 is a fast equilibrium and equation _3 is a fast 
reaction of sulphite radicals with water.
Now, the presence of different cations has been shown to 
give different rate values, this finding could be attributed to 
a bridged - mechanism being involved, providing a more accessible 
path for electrons to be transfered between the two highly charged 
ions* A possible step would be;-
Pe(CW)g“ 4 4 3o|~'ç==à Pe(CN)^" ..,30^“ rate
determining 
Pe(CIf)^“ 4 4 30^
3*- 4^ 2#w
Where the intermediate species Pe(CN)^*" ..K , is
in fact similar to that suggested by Bassett and his associates
(Ref , ), in connection with the general reactions of sulphite
ions*
It follows according to the above postulation that, the 
unimolecular rate determining dissociation process yields SO^ 
ion radicals, which may participate in another step*
Pe(CH)g“ 4 K* 4 30" Pe(CN)g" ...K^\..30” 4
4 30°
So5 4 HgO fast In the ^  30^" 4 2H
case of water
In view of the exact order of reaction found from the 
experiments, it seems almost certain that, the last m unimolecular 
dissociation step occurs in a faster process than the first 
dissociation process*
In order of effectiveness of the cation used, follows a ' 
similar pattern to that of the reaction between ferricyanide and 
iodide ions, i.e. following the order of decreasing hydration of 
these cations*
233.
Now, regarding the effects of different anions on the 
reaction, bromide chloride, and nitrate ions were found to 
react differently; following in their behaviour the order of
increase in the oxidation potentials, while sulphate, fluoride 
and dihydrogen phosphate ions do not. A possible mechanism 
which accounts for the anion assisted reaction could be written 
in the following manner:-
Pe(GN)g“ 4 K* —  -J if - Pe(CK)g“  K*
Pe(CN)g”....K*..@ X”  fast y Pe(CN)gT..,K*,.,.,X"
equilibrium
Pe(CN)gZ...K*..,z”4 SOj“ r.d.s.^ Pe(CH)g“ 4 K* SO^" X
SO^"X very  > SO" 4 X“
fast  ^ ^
The SO^ ion radical may react by the following steps
Pe(CN)g” 4 K* ________  ^ Pe(CN)g“
Pe(GH)g“ , , , K *  4 so" _________ ^P e(G N )g"
P e (C N )g % ..K * . . .8 0 "  ________^ Pe(GN)g" 4 4 30°
30° 4 H^O  ^ 2H* 4 30?"3 2 ------> 4
or it may not require cation assistance.
The observed slower reaction when water is replaced by 
Deuterium oxide as solvent, suggest that, the last step (3) 
of the reaction mechanism is a slower process with D^O, 
consequently affecting other steps by initiating back reactions.
The high reactivity of SO^ free radicals with water compared 
with Deuterium oxide seems to follow the order of bond breaking*
CONCLUSION 234.
The rate of reaction between potassium ferricyanide and 
potassium iodide can be explained quantitatively by the 
following competitive mechanisms:-
A - The cation assisted steps:
Pe(CN)g“ 4 , Pe(CN)g",...K*
T ----
Fe(CN)gT...K^ 4 l" , Pe(CN)g7--
Pe(CM)gT..K*..,.1
jc----- 3_
4 I^  r.doSo  ^ Pe(CN)^7.o.«K
Pe(CN)g"....K* 4 1% . Fe(CN)^ g,,,K'^4 (7 % V/IV / ^ 00 0 XI T J. 2 V 4 \ \->XV J goooXV 0.0
Pe(CN)g"....K*....l" ________ ^ Pe(CN)g“ 4 K* 4
^------
B - The direct reaction:
Pe(CN)^" 4 l" r.d.s,  ^ Pe(CK)^ 4 1°
r  -------  ^ i;
Pe(CK)^“ 4 l“____ _________ , Pe(CK)g" 4
T-------
The observed retarding effect of ferrocyanide ions, is 
explained by these mechanisms.
The effects of different cations are explained by mechanism 
Ao The effects of the anions are explained by an additional 
mechanism of the type:-
Pe(CN)^g 4 K* _______  ^ Pe(CN)g~
T-----
Fe(CN)^ 0.0oK 4 X \ Pe(CN)g oo.oK ©oo.oX
Fe(CN)^“ o.ooK*oo..X~ 4 I r.doS.^ Fe(CN)|"4 k "^ 4-XI“
x r  4 l“  ^ \  4 X"
in which, each anion participates in the reaction according to 
its oxidation potential*
The rate of reaction between potassium ferricyanide and 
sodium sulphite in solutions buffered to a pH(7.6 - 10*0.), 
can be explained by the following mechanism:-
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Pe(CN)^" 4 K'"'  \ Pe(CN)^" ....K*
Pe(ON)g"....K* 4 S0^~ _______ ^ Pe(CN)^“ ,,. .k "’", ,.. .SO^"
S--------
Pe(CN)g7...K^...So2" r.d.s.  ^ Pe(CN)^" 4 K* 4 SO"
Pe(CN)^" ....K* 4 so" ________Pe(CN)^7. . .1^ , ,. So"
Pe(CH)g" ....K^....SO" _______  ^ Pe(CN)g" 4 K* 4 80°
30° 4 HgO fast In the__^ 30^" 4 2 h '*'
case of water
The effects of different cations are explained by this mechanism.
The effects of different anions are suggested to follow a mechanism 
of the type:-
Pe(CN)?" 4 K* _. Pe(CN)^".,..K^
Pe(CN)g7...K 4 X~ '' Pe(CN)g" ...K ,...x"
SOj* X ________________ _^S0^ 4 X-
The X ion radicals reacting rapidly with some ferricyanide
species.
Although this investigation has been carried out at one range 
of acidity, it has established a number of facts which had not 
been detected previously. It can however be regarded only as a 
preliminary survey.' A more complete analysis of the reaction 
mechanism requires intensive studies upon:
(a) The reaction rate at different pH values.
(b) The specific effects of the anions and the cations, and the 
dépendance of reaction rate on their concentrations.
(c) The accelerating effects of ferrocyanide ions.
(d) The reaction rate in a non-aqueous solvent.
Finally; any conclusion regarding the reaction rate of ferricyanide 
ions based on magnetism cannot be drawn, due to the interventions 
of the cations between the negatively charged reactants in the 
two systems wliich have been studied in this thesis.
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